Oxidation of Reduced Sulfur Compounds: A Triple-oxygen-isotope Perspective by Kohl, Issaku E.
Louisiana State University
LSU Digital Commons
LSU Doctoral Dissertations Graduate School
2010
Oxidation of Reduced Sulfur Compounds: A
Triple-oxygen-isotope Perspective
Issaku E. Kohl
Louisiana State University and Agricultural and Mechanical College, ikohl1@tigers.lsu.edu
Follow this and additional works at: https://digitalcommons.lsu.edu/gradschool_dissertations
Part of the Earth Sciences Commons
This Dissertation is brought to you for free and open access by the Graduate School at LSU Digital Commons. It has been accepted for inclusion in
LSU Doctoral Dissertations by an authorized graduate school editor of LSU Digital Commons. For more information, please contactgradetd@lsu.edu.
Recommended Citation
Kohl, Issaku E., "Oxidation of Reduced Sulfur Compounds: A Triple-oxygen-isotope Perspective" (2010). LSU Doctoral Dissertations.
3207.
https://digitalcommons.lsu.edu/gradschool_dissertations/3207
i 
 
OXIDATION OF REDUCED SULFUR COMPOUNDS: A TRIPLE-OXYGEN ISOTOPE 
PERSPECTIVE 
 
 
 
 
 
 
 
 
 
 
 
 
 
A Dissertation 
Submitted to the Graduate Faculty of the  
Louisiana State University and  
Agricultural and Mechanical College 
in partial fulfillment of the 
requirements for the degree of  
Doctor of Philosophy 
 
in 
 
The Department of Geology and Geophysics 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
By 
Issaku E. Kohl 
B.A. Oberlin College, 2005 
May, 2011 
 ii 
Acknowledgments 
 I would like to thank LSU Faculty Research Fund (2006-2007) for partial funding of this 
research. Acknowledgment is made to the donors of the American Chemical Society Petroleum 
Research Fund for support (or partial support) of this research (48343-AC2). Also, I would like 
to thank all of the members of OASIC for helpful discussion and technical support. Quantum 
chemical modeling was done in collaboration with Dr. Rubik Asatryan at New Jersey Institute of 
Technology, Department of Chemistry and Environmental Science, Newark, NJ 07102, USA. 
 
 
 
  
 iii 
Table of Contents 
 
Acknowledgments  ....................................................................................................................... ii 
 
Abstract ......................................................................................................................................... v 
 
1. Introduction: Summary and Overview .................................................................................. 1 
     References ................................................................................................................................ 5 
 
2. No Oxygen Isotope Exchange between Water and APS-sulfate: Evidence from Quantum 
Chemical Modeling and Triple-oxygen-isotope Experiments .................................................. 7 
Introduction ............................................................................................................................. 7     
Methods .................................................................................................................................. 11 
Modeling APS Structure and Formation Mechanism ...................................................... 11 
APS Isotope Exchange Experiments ............................................................................... 12 
Compound Identification by HPLC ................................................................................. 13 
Triple-Oxygen Isotope Analysis and the ∆17O Parameter ............................................... 14 
Results and Discussion .......................................................................................................... 15 
       Theoretical Modeling ....................................................................................................... 15 
            In vitro Experiments: No Oxygen Isotope Exchange between Sulfate and Water       
            Associated with APS Formation ...................................................................................... 25 
     Implications for Sulfate Reduction and Re-Oxidation ...................................................... 28 
     Conclusions ............................................................................................................................ 29 
     References .............................................................................................................................. 30 
 
3. Triple-Oxygen Isotope Determination of Molecular Oxygen Incorporation in Sulfate 
Produced During Abiotic Pyrite Oxidation (pH = 2-11) ........................................................ 34 
     Introduction .......................................................................................................................... 34 
     Methods ................................................................................................................................. 42 
Experimental Setup .......................................................................................................... 42 
Geochemical and Stable Isotope Analyses ...................................................................... 43 
     Results .................................................................................................................................... 45 
Reactor Ion Chemistry ..................................................................................................... 45 
 Oxidation Rate ................................................................................................................. 49 
Triple-oxygen-isotope Compositions of Product Sulfate ................................................ 52 
     Discussion .............................................................................................................................. 56 
 Reactor Ion Chemistry ..................................................................................................... 56 
O2% in Product Sulfate: Evidence from Triple-oxygen-isotope Composition ................ 57 
 Oxygen Isotope Fractionation Factors (18) ..................................................................... 63  
     Conclusions and Implications .............................................................................................. 66 
     References .............................................................................................................................. 67 
 
4. Triple-oxygen-isotope Determination of Oxygen Exchange between Sulfite and Water 
Preceding Sulfite Oxidation and BaSO4 Precipitation (pH = 1, 4, and 7) ............................ 71 
     Introduction ........................................................................................................................... 71 
 iv 
 Sulfite Exchange vs Oxidation Rates .............................................................................. 72 
 Experimental Approach ................................................................................................... 74 
     Methods .................................................................................................................................. 75 
 SO3
2-
 Exchange ................................................................................................................ 75 
 Ion Chromatography ........................................................................................................ 76 
 Stable Isotope Measurements .......................................................................................... 76 
     Results .................................................................................................................................... 77 
 Ion Chromatography ........................................................................................................ 77 
 Triple-oxygen-isotope Composition of BaSO4 ................................................................ 80 
     Discussion .............................................................................................................................. 84 
 Long-term SO3
2-
 Exchange .............................................................................................. 84 
 SO3
2-
 Oxidation and SO3
2-
-H2O-oxygen Exchange: SO4
2-
-oxygen Source Ratios .......... 85 
 BaSO4 Precipitation: Influence on the Oxygen-source Ratio of SO4
2-
 ............................ 86 
 18OSO4-H2O and Triple-oxygen-isotope Systematics ....................................................... 87 
 Implications for MDSR ................................................................................................... 89 
 Implications for Sulfide Oxidation and Barite Precipitation ........................................... 90 
     Conclusions ............................................................................................................................ 92 
     References .............................................................................................................................. 92 
 
Vita .............................................................................................................................................. 96 
 v 
Abstract 
 
The Earth‘s geochemical evolution is recorded in the rocks that compose its lithosphere. 
Specifically, sulfate minerals have been identified as being repositories of information 
concerning the past hydrosphere, atmosphere and biosphere. This is due to the non-labile nature 
of SO4
2-
 and its ability to store a record of the oxidative reactions and oxygen sources involved in 
its formation. Microbial dissimilatory sulfate reduction (MDSR) and sulfide oxidation cause 
oxygen from H2O and O2 to be trapped to varying degrees in ambient, dissolved SO4
2-
. In order 
to better interpret the H2O and O2 signals in SO4
2-
, we must deepen our understanding of how 
sulfur redox processes incorporate and preserve O2 and H2O oxygen signals in SO4
2-
. I attack this 
problem through 3 main questions. 
1) Does the SO4
2-
 contained in the MDSR-intermediate, adenosine-5‘-
phosphosulfate (APS) exchange oxygen with water? 
2) Can we predict the oxygen source ratios (O2:H2O) in SO4
2-
 produced from 
aerated pyrite oxidation, variable pH (2-11)and variable [Fe
3+
]? 
3) How does the pH dependent competition between sulfite-water-oxygen 
exchange and sulfite oxidation effect the source ratios (O2:H2O) in produced 
SO4
2-
? 
 Each question constitutes an individual chapter in my dissertation. I show that APS-sulfate 
and water-oxygen do not exchange. The sulfite (SO3
2-
)-H2O-oxygen exchange processes, in 
competition with SO3
2-
 oxidation, was determined to control the O2: H2O oxygen source ratio for 
SO4
2-
 formed during the oxidation of pyrite, resulting in a consistent O2-oxygen% in SO4
2-
 (25 ± 
4%) produced from pyrite oxidation between pH 2-11. Slight differences in the oxygen source 
ratios found in these experiments point to the pH dependent rate competition between SO3
2-
-
 vi 
H2O-oxygen exchange and SO3
2-
 production vs. SO3
2- 
to
 
SO4
2-
 oxidation. SO3
2-
 oxidation was 
found to be more sensitive to pH than exchange, which results in less H2O-oxygen being 
incorporated in precipitated SO4
2-
 produced from pyrite and SO3
2 
at lower pH. This was assisted 
by a unique oxygen isotope parameter used in my experiments, the 
17
O-label. This study should 
provide a template for future use of 
17
O-labeled solutions in determining the role of H2O, O2, or 
O3 in the formation of other oxyanions.
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1. Introduction: Summary and Overview 
The Earth‘s rock record chronicles the evolution of our planet. The most robust 
information is generally recorded in minerals. Igneous and metamorphic rock occurrence and 
chemistry provide a window into subsurface (i.e. lithosphere and mantle) evolution. Both clastic 
and chemical sediments (including evaporites) and sedimentary rocks are formed at the interface 
between the lithosphere, the hydrosphere and the atmosphere. Sulfate, with its oxygen originated 
from H2O, O2, or even O3, is a non-labile oxyanion that forms insoluble minerals and therefore, 
is an ideal candidate for preserving information on Earth system chemical evolution. For 
example, recent findings show that ancient sulfate deposits carry important information (e.g. 
PCO2, PO2, and PO3) about the hydrosphere, biosphere, and atmosphere in the geological past (Bao 
et al, 2008, 2009, 2010; Peng et al., in review) One powerful way to interpret H2O, O2, or even 
O3 signals in SO4
2-
 is to analyze its oxygen isotope compositions, because H2O, O2, and O3 have 
their characteristic triple-oxygen isotope composition. However, this requires that we understand 
how sulfur redox processes incorporate and preserve H2O, O2, or O3 oxygen signals in SO4
2-
, 
prior to mineral precipitation. These fundamental chemical processes are not well understood at 
this time.  The overall goal of this dissertation is to quantify the oxygen signals of H2O vs. O2 in 
SO4
2-
. My focus is on SO4
2-
 involved in sulfide mineral oxidation and specific intermediates 
formed during sulfate reduction. Thus, O3 and H2O2 signals are not considered. 
If we assume that all SO4
2-
 in terrestrial environments and the rock record was derived 
from the oxidation of reduced sulfur compounds, then we can say that there are a finite number 
of pathways through which any given SO4
2-
(aq)  molecule could have formed. Van Stempvoort 
and Krouse (1994) outline six major factors that may affect the oxygen isotopic composition of a 
given SO4
2-
(aq) molecule: 
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1) The type of oxidation reaction(s) in which the sulfate formed from one or more 
reduced sulfur species. 
2) The relative amounts of SO4
2-
(aq)-oxygen incorporated from any other sources 
(notably H2O and O2(aq)). 
3) The 18O of ambient water, O2(aq), and any other sources of SO4
2-
(aq)-oxygen. 
4) The specific oxidizing agents, catalysts, or enzymes involved in the SO4
2-
(aq) 
formation, whether biological or abiotic. 
5) Ambient physiochemical conditions, notably, pH, PO2, and temperature. 
6) Equilibrium or rate dependent (kinetic) isotope enrichment associated with 
incorporation of oxygen from various sources during formation of SO4
2-
(aq) or 
precursor S oxyanions. 
Behind these numerous factors affecting the oxygen isotope composition of sulfate, I 
believe there has to be a simpler, unified relationship by which we can predict oxygen-source 
ratios in SO4
2-
. Testing all these factors is certainly beyond the scope of my dissertation. Due to 
the detailed introductory material presented in chapters 2-4, I have chosen to use chapter 1 to 
outline the ways in which I have contributed to this unified understanding. I identified several 
problems of immediate community interest and picked three to focus on. 
Chapter 2 deals with a problem related to an apparent discrepancy between changes with 
time in δ34S and for δ18O for ambient SO4
2-
 during batch culture experiments containing sulfate-
reducing microbes (Mizutani and Rafter, 1973; Fritz et al., 1989). During the experimental 
duration, an apparent steady-state was achieved with respect to 18OSO4-H2O, while none was 
observed for δ34S (it kept increasing). The proposed mechanism for oxygen isotope behavior 
includes 1) oxygen-exchange between water and adenosine-5‘-phosphosulfate (APS) and 2) back 
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reaction of SO3
2-
 to SO4
2-
 after SO3
2-
 has exchanged oxygen with water (Fritz et al., 1989). Both 
APS and SO3
2-
 are intermediates produced during microbial dissimilatory sulfate reduction 
(MDSR), but are they both able to exchange oxygen with water? Through a set of experiments 
and collaborative quantum chemical modeling, I have excluded APS formation and dissociation 
as a cause of SO4
2-
-oxygen-exchange with water.  This result indirectly points to SO3
2-
-H2O-
oxygen exchange and the subsequent back-reactions as having an effect on the oxygen isotope 
composition of ambient sulfate. The occurrence of back reactions within microbial cells is still a 
matter of debate. However, if a back reaction pathway is active during MDSR, the reactions are 
oxidative in nature. Therefore, sulfide oxidation could provide insight into the potential isotope 
behavior and oxygen source ratios of SO4
2-
 resulting from these pathways. 
 Chapter 3 focuses on the oxygen source ratios (O2:H2O) of sulfate produced during pyrite 
oxidation. Recent studies have shown the ability of SO4
2-
 to incorporate atmospheric O2 during 
sulfide oxidation in aerobic conditions (Moses et al., 1987; Reedy et al., 1991; Van Stempvoort 
and Krouse, 1994; Balci et al., 2007; Pisapia et al., 2007; Brunner et al., 2008). Therefore, sulfate 
mineral deposits can record the isotope ratios of ancient atmospheric oxygen, given our ability to 
determine the degree of incorporation and preservation of the atmospheric O2 signal. Despite 
many attempts, the exact amount of atmospheric O2 contained within SO4
2-
 from various origins 
or surface processes, including SO4
2-
 from sulfide oxidation (pyrite, in my case), is not known. 
Uncertainty remains concerning how certain geochemical parameters, such as pH and oxidant 
activity, affect the oxygen source ratio (O2:H2O) in SO4
2-
 produced from the oxidation of sulfide 
minerals. In chapter 3, I demonstrate that a small range of O2% (25 ± 4%) in SO4
2-
 can be 
expected due to the rate competition of SO3
2-
-H2O oxygen exchange and SO3
2-
 to
 
SO4
2- 
oxidation. In addition, I suggest that the residence time of SO3
2-
, resulting from the rates of 
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production and consumption of SO3
2-
 (controlled by pH), determines the degree of exchange that 
can occur prior to oxidation of SO3
2-
 by O2 and/or Fe
3+
. 
 The study in Chapter 3 raised two important issues, 1) the rate competition between SO3
2-
-H2O-oxygen exchange and the rates that determine sulfite ―life-time‖ in solution at different pH 
values, and 2) the effect of acidification on the SO3
2-
-H2O oxygen exchange in solution
 
right 
before the precipitation of BaSO4, a procedure employed in sulfate oxygen isotope analysis. This 
is addressed in Chapter 4, which examines the rate competition occurs between SO3
2-
-H2O-
oxygen exchange rate and the SO3
2-
 to
 
SO4
2- 
oxidation rate using a long-term and a short-term 
experimental approach. Chapter 3 suggests that, although decreasing pH values favor more rapid 
SO3
2-
-H2O-oxygen exchange, oxidation rate increases more quickly as pH drops. This is shown 
by SO4
2-
 produced at lower pH showing consistently less H2O-oxygen incorporation with time. 
In addition, the acidification procedure used in BaSO4 precipitation has the potential to introduce 
between 4-8% additional H2O-oxygen, due to the rapid decrease in pH and subsequent SO3
2-
-
H2O-oxygen exchange and SO3
2-
 oxidation at pH 1. 
 A unique tool used in my dissertation research is the use of 
17
O-labeled solutions as 
isotopic tracers of water oxygen. This approach is specifically tailored to take advantage of the 
unique ability of Oxy-Anion Stable Isotope Consortium (OASIC) to make high precision 
17
O 
measurements, which are reported as 17O = 17O – (0.52*18O). Importantly, the ∆17O 
parameter can better constrain the degree to which oxygen isotope exchange has occurred 
because, when water or sulfate labeled with an anomalous ∆17O signature is used, the exact 
fraction that has exchanged can be measured in a single experiment. This is what the traditional 
18O method, which requires multiple experiments with different 18OH2O values, cannot achieve. 
By using a simple expression: 
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   ∆17OSO4 = m∆
17
OH2O     (1.1) 
We can calculate the exact mole fraction (m) of the water being incorporated into sulfate. Also, 
by using only slightly anomalous (<±100‰ ∆17O) water, we are able to retain the information 
traditionally calculated with the 18O as well. The research approach presented in the following 
chapters will also serve as a template for future research that utilizes 
17
O-labeled solutions to 
study the behavior or oxygen sources of other non-labile oxy-anions (i.e. PO4
2-
, NO3
-
, etc.). 
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2. No Oxygen Isotope Exchange between Water and APS-sulfate: Evidence from Quantum 
Chemical Modeling and Triple-oxygen-isotope Experiments 
Introduction 
 Microbial dissimilatory sulfate reduction (MDSR) is a ubiquitous process in today‘s 
anoxic Earth surface environments (Widdel, 1988). This process, which transforms sulfate to 
sulfide, derives energy for microbes and is thought to have been an early form of metabolism 
(Eq. 2.1) (Shen and Buick, 2003).  
   2CH2O + SO4
2-
  H2S + 2HCO3
-
    (2.1) 
 It has been shown that sulfur and oxygen isotope ratios are powerful parameters for 
understanding the nature of MDSR. Fritz et al. (1989) showed that the sulfur isotope 
fractionation during MDSR in a batch experiment follows a Rayleigh Distillation pattern: 
Rsulfate = R
0
sulfate ƒ
-1 
      (2.2) 
Where, Rsulfate = the 
34
S/
32
S of remaining SO4
2-
, Rsulfate° = the 
34
S/
32S  of initial sulfate, ƒ = the 
fraction of SO4
2-
 remaining and  is the fractionation factor, 
 = an instantaneous ratio of Rconsumed/Rleft behind.  (2.3) 
Thus, the δ34S of the remaining sulfate increases over time. Had SO4
2-
-oxygen behaved solely as 
an integral part of the SO4
2-
-tetrahedron, the corresponding 18O should have increased its value 
as well. However, their experiments found that the δ18O approaches a steady state value with an 
apparent enrichment of 23-29‰ relative to the solution water 18O at surface conditions. The 
behavior of 18O suggests that there are certain degrees of oxygen exchange going on between 
sulfoxyanions and solution water during MDSR. Fritz et al. (1989) proposed that the formation 
of APS, mediated by the enzyme ATP-sulfurylase (ATPS), from cell internal sulfate and ATP, at 
the initial stage of MDSR, may weaken the SO4
2-
-tetrahedron resulting in oxygen isotope 
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exchange with ambient water (Eq. 2.4). They also suggested re-oxidation of intermediate sulfite 
(SO3
2-
) as a possible exchange pathway (Eq. 2.5).  
SO4
2-
 + ATP viaATPS APS + pyrophosphate (PPi)   (2.4) 
APS via APS reductase SO3
2-
 + AMP     (2.5) 
APS generation as a vehicle for oxygen exchange with water has recently reappeared in the 
literature (figure 2.1). 
  
 
Figure 2.1 (From Brunner et al., 2005): Schematic representation of the MDSR reaction chain. 
―f‖ and ―b‖ denote forward and reverse reactions within the cell and ―ex1‖ and ―ex2‖ indicate the 
intermediate-water oxygen-exchange pathways. Note, in the reverse pathway, sulfite is required 
to be oxidized to sulfate thus gaining a water-oxygen in the process. 
 
One group used 18OSO4 to test a MDSR model and concluded that enzyme-catalyzed, 
SO4
2-H2O-oxygen isotope exchange might indeed be in operation if they could rule out possible 
SO3
2-
 re-oxidation in cytoplasmic water (Brunner and Bernasconi, 2005; Brunner et al., 2005). 
Farquhar et al. (2008) also see incorporation of H2O-oxygen in ambient SO4
2-
 during sulfate 
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reduction. Their experiments were conducted in an anoxic flow cell reactor and re-oxidation of 
produced H2S to SO4
2-
 is ruled out as a pathway for H2O-oxygen incorporation into ambient 
sulfate. Their explanation for this phenomenon is that back reactions between intermediate 
phases can account for the H2O-oxygen signal transfer into ambient SO4
2-
. By applying the 
Brunner and Bernasconi (2005) and Brunner et al. (2005) models to their data, they obtain a best-
fit with 78-96% ambient SO4
2-
 having been back reacted through metabolic intermediates. Based 
on the sulfur isotope data Farquhar et al. (2008) suggest that SO3
2-
 is more likely to be 
facilitating exchange than APS but note that this is only an inference. A more recent study on 
batch cultures of sulfate-reducers, in addition to numerical modeling results, suggests that back 
reactions are indeed favorable but occur to varying degrees depending on the strain of microbe 
and the rate limiting nature of APS reduction to SO3
2-
 (Turchyn et al., 2010). This study also 
does not specify which pathway of exchange is more favorable but serves to further support the 
need for back reactions to transfer the exchanged sulfoxyanion-intermediates back into the 
ambient SO4
2-
 pool.  
Hard evidence supporting either APS or SO3
2-
-oxygen exchange during MDSR is limited at 
present but work done by Wortmann et al. (2007), despite favoring an enzymatic exchange 
pathway, does not rule out the SO3
2-
 exchange /back reaction pathway shown in Figure 2.1. The 
idea that MDSR reactions can be reversible under certain conditions is still debatable. However, 
it provides a logical mechanism by which water-oxygen could be incorporated into ambient 
sulfate where MDSR occurs. Regardless of the pathway of exchange or incorporation of H2O-
oxygen into SO4
2
,
 
all of the above studies show some form of steady-state between SO4
2-
-oxygen 
isotopic values and those of ambient H2O, either through APS formation and decomposition or 
through a back-reactions to SO4
2-
 from intermediate-SO3
2-
 produced during MDSR, or both. 
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To pin down the exact mechanism that causes SO4
2-
-oxygen isotope steady-state with 
ambient water, we have to confirm or rule out each of the potential pathways. While inorganic 
sulfite is known to exchange oxygen with water readily (Betts and Voss, 1970; Horner and 
Connick, 2003), it is not well accepted that the exchanged intermediate-SO3
2-
 can, in fact, be 
recycled back to SO4
2-
 during MDSR. If we can demonstrate that for the other likely pathway, 
APS-sulfate water-oxygen exchange, is not occurring, we can at least indirectly provide evidence 
that such a reverse reaction from SO3
2-
 to SO4
2-
 might indeed occur during MDSR. So far, there 
is very little if any theoretical basis for suggesting that APS formation could result in oxygen 
exchange between APS-sulfate and H2O. Lalor et al. (2003) suggests the SO4
2-
-tetrahedron is not 
significantly affected during the enzyme-catalyzed generation of APS. Yet, this continues to 
appear in the literature (see above) as a potential mechanism for achieving a constant 18OSO4-H2O 
value during DMSR. This chapter focuses on examining if the enzyme-catalyzed formation of 
APS from ATP and SO4
2-
, the initial step in MDSR process (Figure 2.1 and Eq. 2.4), results in 
sulfate-water oxygen isotope exchange.  
Using (B3LYP/6-31G(d,p) Hybrid Density Functional Theory (Gaussian, Inc., Revision 
D.01, 2004) we explore the theoretical basis for oxygen isotope exchange between APS-sulfate 
and ambient water by modeling structural changes that occur when sulfate is activated to form 
APS and by determining the location of cleavage that is active during APS dissociation and 
hydrolysis. Removal of the bridged O-atom (originally incorporated by inorganic sulfate) of the 
dissociating SO4 group from APS, followed by hydrolysis, could serve as the mechanism of O-
exchange with water.  We developed model reactions to evaluate such an exchange, which 
includes both the formation and hydrolysis of APS.  Activation energies of corresponding 
reactions are calculated directly and used as theoretical determinants for the possibility of 
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corresponding exchange channels. Hydrolysis of sulfate and phosphate esters also play a central 
role in a variety of biochemical processes and modeling such systems is quite possible 
(Rodriguez-Lopez et al, 2001; Akola and Jones, 2003; Wolfenden and Yuan, 2007, and 
references cited therein). Using in vitro experiments that utilize triple-oxygen-isotope labeled 
solutions, we examine our model results on the potential for APS-sulfate-water oxygen 
exchange.   
Methods   
 Modeling APS Structure and Formation Mechanism  
 Theoretical calculations of structural changes in sulfate during APS formation are 
performed using B3LYP/6-31G (d,p) Hybrid Density Functional Theory (DFT) method as 
implemented in Gaussian-03 suite of programs (Gaussian, Inc., Revision D.01, 2004). The 
B3LYP method combines the non-local Hartree-Fock exchange functional along with the 
corrective terms for the density gradient developed by Becke (1993) with the correlation 
functional by Lee, Yang and Parr (1988). This hybrid DFT-method is widely tested in sulfur 
chemistry and is shown to be especially accurate for complex chemical reaction mechanisms 
(Asatryan et al., 2008, 2010).  
Direct large-scale calculations of potential energy surfaces for interactions between SO4
2-
 
and ATP
4-
 mediated by the enzyme ATPS and supported by the hydrating shells are obviously 
beyond the scope of this work. Since general trends can be captured based on computationally 
more realistic models, the calculation of di-anion sulfate with tetra-anion ATP
4-
 would be 
justified only when they are combined with the balancing positive ions of Mg
2+
. Truncated 
models are particularly effective in the modeling of ATP- related processes and results are more 
generally applicable to a variety of other biologically significant molecules containing similar 
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linkages.  Based on these assumptions, we have developed a simpler model for the reaction of 
HSO4 
-
 +ATP
-
.   
It is believed that SO4
2-
 is unstable electronically in the isolated state (single ionization is 
preferred when electronic relaxation is taken into account (Boldyrev and Simons, 1994, Boldyrev 
et al., 1996; Janoschek, 1992; Zeebe, 2010).  Based on this, we chose the interaction of HSO4
-
, 
which is predominant in low pH (pKa=1.92), with the ATP
-
 possessing different sites of single 
ionization. Despite the discrepancy between the real mechanism and the modeled pH, based on 
the above references, effects would be minimal.  
The mechanism of the APS formation and hydrolysis reactions are studied using a 
truncated-phosphosulfate model represented by CH3SP, where the adenosine (adenylyl-ribose, 
~CH2R) part is reduced to CH3-group. Such a model has been successfully used for the modeling 
of ATP hydrolysis (Akola and Jones, 2003). Transition state structures are optimized using 
standard TS-search algorithms provided by Gaussian 03 and characterized as having only one 
negative eigen value of the force constant (Hessian) matrices. The absence of imaginary 
frequencies verifies that structures are true minima. The Intrinsic Reaction Coordinate (IRC) 
procedure is used for the identification of the connectivity of stationary points on the respective 
potential energy surfaces. The final scan points of IRC are optimized additionally to ensure that 
reactions from the saddle points lead to the proper reactants and products.  
APS Isotope Exchange Experiments 
50 mg of Na2SO4 salt and 50 mg of Na2ATP (both Sigma Aldrich) were mixed in 5 ml of 
17
O-labeled distilled-deionized (DD) water with a ∆17OH2O = 6.00‰ (see below). 5 mg Enzyme-
salt NaATPS (Sigma Aldrich) was added to the ATP + sulfate solution and left to react at 30ºC 
and neutral pH for controlled time periods, from 0-120 hours. At the conclusion of an 
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experiment, the solution was acidified to pH <1 with droplets of 10M HCl to stop the enzyme 
reaction and to breakdown the APS. Sulfate was then precipitated as BaSO4 by addition of 
saturated BaCl2 to the acidified, degassed solutions. Some BaSO4 was treated twice, using the 
Diethyline-triamine-pentaacetic acid dissolution and re-precipitation (DDARP) technique 
developed by Bao (2006) to remove ATP that might still be bonded to or occluded in the BaSO4. 
Experimental duration was varied to extrapolate a rate of exchange if seen to be occurring and 
experiments were done in duplicate to ensure reproducibility.   
Compound Identification by HPLC 
Verification of APS formation in solution during the course of experiment was achieved 
through direct high performance liquid chromatography (HPLC) measurements of the acidified 
and non-acidified samples containing all of the components in question. Analyses were done at 
LSU Department of Chemistry using an HPLC system equipped with a UV-fluorescence 
detector. A combination of methanol (4-10 vol.%) and triethylammonium phosphate buffer (pH 
~6.0, 90-96 vol.%) was used as the eluent (1 mL/min) in a method modified from Lim and Peters 
(1989). The specific instrument used was an Agilent 1100 series high performance liquid 
chromatograph (HPLC) equipped with a C18 reverse-phase analytical column (Agilent, 150 x 
4.6 mm) and a C18 guard column (Supelco, 50 x 4.6 mm). Analyte detection was achieved using 
a diode array detector (Agilent) monitoring ultraviolet absorbance at 254 and 280 nm. 
Standardization was achieved by running five concentrations of the individual species SO4
2‒, 
ATP, and APS (as NaAPS) and plotting integrated peak area (mAU*s = mill-absorbance units*s) 
against prepared concentration. All standard calibration curves had r
2
 values better than 0.98 and 
standard deviation was between 0.5 and 2% for all runs. In order to test the behavior of the 
mixtures on peak separation and retention time, mixtures of similar concentrations of SO4
2-
, ATP 
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and APS were mixed at 0.1 M to 0.0001 M. All sample measurements reported are based on 3 
aliquot measurements of the same sample, each experiment was done in duplicate and therefore 
generated two samples totaling six replicate measurements. 
Triple-Oxygen Isotope Analysis and the ∆17O Parameter 
 Our experiments utilize a triple-oxygen-isotope labeled water. Regardless if oxygen 
isotope exchange equilibrium has been reached, the exact mole fraction of water oxygen in 
sulfate can be determined from a single experiment via the parameter 17O: 
 ∆17OSO4 = m∆
17
OH2O       (2.4) 
where, the 17O ≡ 17O – 0.52*18O and (m) is the mole fraction of sulfate oxygen exchanged 
with the ∆17O-labeled water. This is valid because the oxygen in the system is overwhelmed by 
water oxygen and the other oxygen source (SO4
2-
) has a 17O value very close to zero. This 
enables (m) to be defined by two parameters as shown above (eq. 4), without taking into account 
possible fractionation factors, which do not affect 17O regardless of equilibrium being reached.   
  Oxygen was generated through a CO2-laser fluorination line on dried BaSO4 (and Na2SO4) 
powders (Bao & Thiemens, 2000) and was run on a Finnigan MAT253 at LSU. All 
measurements were run above a certain threshold of gas pressure (~ 20-25 mbar in the MS 
bellows) and based on an extrapolation of the VSMOW measurements, assuming ideal linear 
mass-spectrometric performance (single reference approach). The δ17O value was initially 
calibrated against UWG-2, assuming its 18O = +5.8‰ (Valley et al., 1995) and its 17O = 0.520 
× 18O = 3.016‰. 
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Results and Discussion 
Theoretical Modeling  
APS Structure 
Structural models of SO4
2-
 and APS
2-
 were studied (Figures 2.2-2.3) in order to determine 
how APS synthesis affects APS-sulfate symmetry and bond strength and the potential for APS-
sulfate to exchange oxygen with water.  Structural analysis has been performed for APS
2-
 and 
SO4
2-
 di-anions (Figure 2.2) and its truncated form CH3PS
2-
 (Figure 2.3) as well as for 
corresponding mono-anions (not shown due to general similarity) taking into account that at 
physiological pH they are expected to be completely or mostly ionized. There are some 
differences between the symmetrical tetrahedral structure of inorganic sulfate and APS-sulfate. 
In the symmetric SO4
2- 
di-anion, the central atom possesses +1.0 partial charge and oxygen 
atoms share remaining negative charges at q(O)= -0.75e.  The sulfur atom in APS is more 
positive =+1.25e, while negative charge is partly delocalized on the rest of molecule; 
corresponding O-ligands have less negative charges ranging from 0.63e to 0.68e.  Terminal 
oxygen ligands at P-center, in general, are more negative than at the sulfate site, indicating a 
greater potential to be protonated.  As we will see below, such an additional proton affinity 
causes H-transfer in mono-anion of APS when H2O-molecule is approaching.   
As shown above, structural changes occur, in APS-sulfate relative to inorganic sulfate, 
that may well affect the fate of O-ligands of S- and P-tetrahedra in APS-sulfate via the changing 
of kinetic parameters. We employed two approaches to explore the effect of organic substituents 
(investigation of the formation mechanisms as well as the effects of hydrolysis) via direct 
calculations for cleavage of S-O and P-O bonds (vide infra), rather than rely only on the 
qualitative description of the geometry alteration of the SO
4-
 tetrahedron in APS.   
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Figure 2.2: APS structure calculated at B3LYP/6-31G** hybrid density functional level. 
Isolated SO4
-2
 di-anion structure is inserted for comparison. 
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Figure 2.3: Truncated model of APS
2-
 structure, CH3PS
2-
. The O(13) is also connected via 
hydrogen bond to a C(3)-H(5) bond of substituent as it takes place in APS in regard to the Ribose 
group (cf. O(3) in Figure 2). Numbers simply function as descriptive references. 
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Formation 
It is believed that APS formation occurs via the pentavalent trigonal bipyramidal 
transition state (TS), with an inversion of the reaction center: the nucleophilic attack of SO4
2-
 on 
the α-phosphorus center may lead to the inversion of its tetrahedral structure, and removal 
(cleavage) of pyrophosphate (vide supra) (Ullrich and Huber, 2001).  We have modeled this 
reaction to track the development of O-ligands in sulfate during the formation and decomposition 
processes. 
The formation of APS follows the classical Walden inversion mechanism.  As expected, 
such a process is required to overcome a significant activation-energy barrier in the isolated 
―gas-phase‖ state (52.78 kcal/mol), which is justifiable as it is connected to the inversion of the 
sp
3
-phosphorous center (for comparison, inversion of the tetrahedral carbon center faces a 35-40 
kcal/mol activation barrier). However, the reaction becomes facile in biological media due to the 
catalytic role of the ATP-sulfurylase enzyme, perhaps combined with the supporting solvation 
effects. Thus, upon formation of APS, the terminal oxygen atom of the sulfate-group forms a 
bridging double anhydride (S-O-P) bond with phosphate-group (Figure 2.4). It is this oxygen 
atom that has the greatest potential to facilitate oxygen-exchange. Here, we note that if the 
reverse reaction follows the same pathways based on microscopic reversibility of such processes, 
it would be expected that the dissociated sulfate-group would carry away the same oxygen atom, 
originally belonging to the inorganic SO4
2-
 ion (Figure 2.4).  
Hydrolysis of APS 
Here we have developed, to our knowledge, the first direct associative model using high-
level quantum chemistry for the hydrolysis of APS mediated by a reactive water molecule 
approaching either the phosphate or sulfate groups. Corresponding pathways are demonstrated 
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Figure 2.4:  A simplified model for APS formation via the trigonal bipyramidal TS structure 
calculated at B3LYP/6-31G** hybrid density functional level. 
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through the relaxed-scan diagrams presented in Figures 2.5 and 2.6.  As seen from these 
energetic profiles, approaching H2O, mediates Walden inversion of reaction centers via the 
formation of trigonal bipyramidal (TB) transition, similar to the classical SN2-type reactions and 
the above described formation process of APS.  
TB-intermediates are favored for the reactions of phosphate groups containing substances 
such RNA and related compounds.  Formation of such intermediates in hydrolysis of methyl 
ethylene phosphate models, have been studied recently by Uchimaru et al., (2007) using density 
functional theory. In the case of hydrolysis of the phosphate group of APS, intermolecular 
interaction also leads to the formation of a pentacoordinated metastable intermediate while 
hydrolysis of sulfate group leads to direct decomposition via TB- transition state (vide infra).   
As a result of the hydrolysis of P-O bond, the oxygen atom from the water molecule is 
retained in the phosphate part of molecule.  The barrier is rather high (ca. 50.2 kcal/mol) 
although it is comparable with the corresponding literature data for ―gas-phase‖ hydrolysis of 
ATP (35 and 39 kcal/mol depending on mechanism employed; Akola and Jones, 2003). 
The energy-maximum on this pathway, however, indicates only the approximate position 
of the reaction barrier, but it is still not the true TS, as one of bonds (reaction coordinate) is fixed. 
To localize the actual transition state, we have optimized the gradient norm of energy in the 
vicinity of the maximum point structure, using a procedure implemented in Gaussian 03.  Actual 
TS appears to be localized rather low at ΔH#= 37.20 kcal/mol (Figure 2.7). The intermediate 
product can undergo further decomposition to the sulfate and phosphate. The later molecule will 
obviously retain the oxygen atom of the water molecule indicating no oxygen-exchange for 
sulfate.    
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Figure 2.5:  Approaching H2O mediates Walden inversion of P-center via the trigonal 
bipyramidal transition structure leading to the formation of pentacoordinated intermediate. 
Oxygen atom of the water molecule highlighted in red is embedded in phosphate residue. The 
true TS based on gradient norm optimization, reduces the activation barrier to 37.20 kcal/mol 
(see, Figure 8). ΔG#= 49.11 kcal/mol calculated at 298K.  
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Figure 2.6:  Approaching H2O mediates Walden inversion of sulfate center via the higher 
energetic trigonal bipyramidal transition structure leading to the elimination of sulfuric acid 
carrying O-atom of water molecule (highlighted in red) as calculated at the B3LYP/6-31G* 
hybrid density functional level. The true TS (Figure 8) localized at 48.94 kcal/mol remains 
substantially higher than corresponding barrier at P-center (Figure 6 above) 
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In contrast, hydrolysis of sulfate initiates direct decomposition to a product set of H2SO4 
+ CH3PO4H
- 
as it seen from Figure 2.7. We left a proton on the SO4
-
-group when studying its 
attack to the α-PO4 tetrahedron of ATP (vide infra), however at the start of scan optimization (at 
3Å intermolecular distance) the proton associated with the SO4
-
-group immediately jumps to the 
proximal oxygen ligand of the P-center.  This is not unexpected, as the proton prefers to be 
added to the O-ligands at P-center from an electrostatic point of view, as described above. The 
energy of the combined configuration at its maximum point is ca. 19 kcal/mol higher than in 
case of hydrolysis at P-center.  
As indicated above, the maximum point on a scan profile is only a qualitative 
characteristic of TS, as reaction coordinates (variable intermolecular distance between the 
oxygen atom of H2O and respective centers P or S) are constrained by definition and the 
optimized TS will be lower in energy.  Indeed, detailed calculations revealed that the barrier fuck 
man height is 48.94 kcal/mol (Figure 2.7).  Importantly, the activation barrier for sulfate 
hydrolysis remains significantly higher (ca. 12 kcal/mol) than its counterpart in the phosphate 
group, which clearly indicates the domination of phosphate channel, hence confirming the 
absence of oxygen exchange between sulfate and ambient water.   
Hydration effects along with the presence of an enzyme, and the acid-alkali catalysis (pH 
variations) will alter reaction rates.  It is expected, however, that the main features will remain 
adequate when comparing relative results from both channels.    
As indicated above, APS-sulfate is ionized in a neutral media. Therefore, we studied 
analogous processes for fully ionized substrates (Q= -2) removing only remaining proton at 
phosphate group from mono-ionized molecules. Corresponding barriers are located at 87.85 and 
56.48 kcal/mol for S- and P-tetrahedral inversions, respectively.  Remarkably, the activation 
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Figure 2.7:  Actual transition state (TS) structures for two competitive hydrolysis pathways, viz. 
through attack of water molecule to the phosphate and sulfate reaction centers, respectively.  Due 
to the substantial difference in activation barriers, hydrolysis at sulfate center resulting in the 
oxygen-atom exchange with ambient water is predicted to be much less favored.  
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barriers (relative energies of corresponding maxima) on relaxed scan energy profiles appear to be 
much higher in doubly ionized systems as compared to mono-ionized species (scan details are 
not presented here due to the general resemblance). Differences between corresponding 
hydrolytic mono- and di-ions reactions are 18.8 and 6.28 kcal/mol. Importantly, the difference 
between the two competing channels even increases further by 12.5 kcal/mol which supports 
once more the absence of oxygen-exchange between sulfate and water in neutral media.   
 In vitro Experiments: No Oxygen Isotope Exchange between Sulfate and Water 
 Associated with APS Formation 
 
 Compound Identification by HPLC  
HPLC examination of the experimental solutions revealed some peak overlaps. However, 
we were able to determine the APS concentrations (Table 2.1) based on calibration curves 
(Figure 2.8). We determined the production of APS at peak 3 (2.404 min), which was not 
coincident with any other peaks from either SO4
2-
 or ATP. The generation of APS (0.0007 – 
0.003 M) with time was observed (Figure 2.9). For ATP, there was difficulty associated with 
concentration determination in the 1.9-2.1 (min) region, due to overlap of peaks from all three 
compounds, APS, ATP, and SO4
2
. The calibration curve generated for SO4
2-
 was characterized 
by small responses in peak area for relatively large changes in concentration (y = 0.0003x - 
0.0529). This observation coupled with the non-zero intercept (y = ‒0.0529 for x = 0), indicates 
that the sulfate standardization was not effective and sulfate concentration data cannot be 
interpreted from the HPLC results. Thus, [SO4
2−
] is not reported here. This made it impossible to 
use peak area subtraction techniques to back out ATP concentrations. Thus, [ATP] is not 
reported either. 
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Table 2.1: Experimental data (averages) from 3 aliquot measurements of the same sample; each 
experiment was done in duplicate (6 total measurements) at pH7 and 30 ºC. 
 
Sample Time Δ17O ± 0.05‰ APS (mM) APS stdev 
LSUNa2SO4 0 -0.20 N/A N/A 
APS3.3b 18 -0.15 0.729 0.009 
APS3.4b 24 -0.23 0.820 0.095 
APS3.5b 76 -0.25 1.271 0.024 
APS3.6b 94 -0.20 1.222 0.001 
APS3.7b 122 -0.24 3.346 0.625 
H2O 0 6 N/A N/A 
 
Triple-Oxygen-Isotope Composition of APS-sulfate 
 The triple-oxygen isotope compositions of precipitated BaSO4 and starting Na2SO4 are 
reported in Table 1. The Na2SO4 and water used in our experiments have a 
17O value of −0.2‰ 
and 6.0‰, respectively. The BaSO4 precipitated from APS-sulfate and ambient sulfate had a 
17O between −0.15 and −0.25‰, which given the analytical error associated with our triple 
oxygen isotope measurement technique (±0.05‰), indicates that the sulfate precipitated for 
isotope measurements had the same 17O value as the starting sulfate salt (Figure 2.10). 
The formation of APS via ATPS has been known to occur in the pH range 6.0-9.5, with 
activity ceasing below pH 5 (Akagi and Campbell, 1962). Our experiments were conducted in 
30 C incubators at pH 7.0 to ensure optimal activity of the enzyme. APS formation in our in 
vitro experiments is confirmed via HPLC measurements, despite the inability to quantify the 
other solution components. 
 The 17O values of the experimentally precipitated BaSO4 were statistically invariable 
for the duration of the experiment, matching the initial value obtained from the Na2SO4 salt and 
indicating no oxygen exchange was occurring between sulfate and water. No incorporation of 
water 17O label into sulfate during in vitro APS synthesis in the presence of the enzyme ATPS 
indicated that the non-labile nature of sulfate was retained during this reaction. 
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Figure 2.8: APS calibration curves from standardization. Peak 3 was used for APS concentration 
determination due to peak overlap with other analytes at peaks 1 and 2. (mAU*s = milli-
absorbance units* seconds) 
 
 
Figure 2.9: APS concentrations changing with time based on 3 aliquot measurements of the 
same sample; each experiment was done in duplicate. Measurement errors are less than 2% 
resulting in error bars being smaller than symbols and standard deviations are reported in  
Table 1. 
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Figure 2.10: The 17O label contained in the experimental waters (red squares) and the 17O of 
BaSO4 precipitated from aqueous sulfate (blue diamonds). Also plotted are the analyses of Sigma 
Aldrich Na2SO4 (orange triangles). 
 
 Though not verified by this experiment, past studies indicate that under certain 
conditions, the reverse reaction can proceed at rates up to 25 times greater than the forward 
reaction (Schmutz and Brunold, 1981). This reverse reaction is also mediated by ATPS and 
produces ATP and SO4
2-
 from APS and pyrophosphate. It is clear that the reverse ATPS reaction 
did not occur at the rate mentioned above, however, it is likely that APS decomposition was 
occurring during our experiment. This is important for the reintroduction of exchanged SO4
2-
, 
both in our experiments and in nature, because the reversible nature of APS synthesis provides a 
mechanism by which APS-sulfate can re-enter the ambient sulfate pool.   
Implications for Sulfate Reduction and Re-Oxidation  
In dissimilatory sulfate reducing microbes, ATP production is linked to APS reduction 
forming AMP and sulfite, which is further reduced to hydrogen sulfide. APS-reductase supports 
two electrons (likely via Fe4-S4 cubane) and this stage is more diverse and isotope exchange may 
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warrant more study due to its reversible character. Therefore, since this study has negated any 
potential oxygen isotope exchange between APS-sulfate and water during the initial stage of 
MDSR. It points to the subsequent reactions forming AMP and SO3
2-
 and/or the reverse process 
forming APS from SO3
2-
 and AMP, as more likely candidates for causing the apparent steady 
state for ambient sulfate δ18O during MDSR. This, however, requires a reverse reaction, i.e., 
SO3
2-
, after it has exchanged oxygen with water, reacting with AMP to form APS. Despite the 
significant amount of evidence supporting the existence of reverse reactions during MDSR, this 
possibility is still debated. Even if the potential for AMP to contribute oxygen to APS-sulfate 
during its formation associated with back-reactions exists, this step can simply be viewed as 
oxidation (contributing only one oxygen) and cannot account for the steady state behavior of 
18OSO4-H2O where MDSR occurs. This indicates the likely importance of SO3
2-
-H2O-oxygen 
exchange in achieving the apparent steady state for ambient sulfate δ18O value during MDSR. 
In oxidizing conditions where Fe(III) or O2 is available, even at very low concentrations, 
reduced S species such as MDSR produced H2S can be re-oxidized to produce SO4
2-
. During the 
re-oxidation the product SO4
2-
 incorporates oxygen from ambient water. This is also a 
mechanism by which an isotopic steady-state can be achieved between SO4
2-
-oxygen and 
ambient water. This study further highlights the need for a better understanding of the 
geochemical parameters that determine how competing rates of forward and backward reactions 
occur during MDSR and how the isotopically-equivalent re-oxidation reactions occur in aerobic 
environments where produced H2S becomes re-oxidized.  
Conclusions 
 Structural modeling of the formation/hydrolysis of APS indicates that some changes 
occur with respect to the S-O bonds within APS-sulfate structure. However, the non-labile 
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property of the SO4
2-
 is retained within APS-sulfate during MDSR. In addition, the dissociation 
of APS to ATP and SO4
2-
 occurs by cleavage of the original P-O bond associated with APS 
formation, not the S-O bond within sulfate tetrahedron. Thus, there is a lack of mechanistic basis 
for the ATPS reaction to facilitate SO4
2-
-H2O-oxygen exchange under physiological conditions 
(neutral pH and ambient temperature). Meanwhile, triple-oxygen-isotope labeled in vitro 
experiments confirmed that there is no oxygen isotope exchange between water and APS-sulfate 
over a120-hour duration. This study rules out APS formation and decomposition as potential 
steps causing the observed SO4
2-
-H2O-oxygen isotope exchange during MDSR. It suggests, 
therefore, that two other steps, 1) SO3
2-
-H2O-oxygen exchange and back reactions to APS 
involving AMP or 2) the re-oxidation of produced H2S are responsible.  
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3. Triple-Oxygen Isotope Determination of Molecular Oxygen Incorporation in Sulfate 
Produced During Abiotic Pyrite Oxidation (pH = 2-11) 
Introduction 
 Sulfide oxidation is an integral part of the sulfur cycle that is linked to Earth's carbon and 
oxygen cycles. The oxygen and sulfur isotope composition of sulfate (SO4
2-
) produced during 
various sulfide oxidation pathways provide insights into Earth surface processes through time; 
including but not limited to atmospheric composition, microbial activity, and surface 
geochemistry. Pyrite oxidation has also received much attention due to its environmental impacts 
in acid mine drainage (AMD) type environments (e.g. Moses et al., 1987; Descostes et al., 2004; 
Balci et al., 2007; Pisapia et al., 2007; Brunner et al., 2008; Hubbard et al., 2009; Tichimirowa 
and Junghans, 2009). Despite the numerous publications and efforts being made by researchers 
on the fundamental reaction mechanisms that operate during pyrite oxidation, debate still exists 
surrounding two main topics: (1) what the role of dissolved oxygen (O2) is; direct oxidation or 
indirect oxidation via a Fe
2+–Fe3+ "electron shuttle" (Singer and Strumm, 1970) and (2) what the 
roles of intermediate species such as thiosulfate and sulfite are during FeS2 to SO4
2–
 oxidation 
reactions (Moses et al., 1987). These unresolved problems result in ambiguities when 
interpreting SO4
2-
 stable isotope compositions, especially those of oxygen, which are sensitive to 
oxidation reaction pathways and involved oxidants. 
 At present, there is a general consensus that the oxidation of pyrite to SO4
2-
 can proceed 
with two main oxidants: dissolved O2 or ferric iron (Fe
3+
). These two pathways are often 
represented by the overall reactions (Singer and Strumm, 1970): 
FeS2 + 7/2O2 +H2O  2SO4
2-
 + Fe
2+
 + 2H
+
    (3.1) 
FeS2 + 14Fe
3+
 + 8H2O  15Fe
2+
 + 2SO4
2-
 + 16H
+
    (3.2) 
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Rosso and Vaughan (2006) synthesizes what is known about the surface reactions that occur 
during aqueous oxidation of pyrite and support a "semiconductor" model first introduced by 
Rimstidt and Vaughan (2003), where the oxidation proceeds as an electrochemical reaction with 
two distinct steps: (1) cathodic reaction: ½ O2 + 2H
+
 + 2e
-
 = H2O and Fe
3+
 + e
-
 = Fe
2+
; and (2) 
anodic reaction: >S + H2O = >S-OH + H
+
 + e
-
. This model suggests that the main role of O2 is to 
oxidize Fe
2+
 on the mineral surface and that the produced Fe
3+
 is then reduced at a cathode site 
by an electron from a sulfur atom at the anode site, causing a nucleophilic attack of water 
molecule on the positively charged sulfur on the mineral surface.  Dissociation of water results in 
the addition of a H2O-oxygen to sulfoxyanions at the anode site. Within this model the cathodic 
reaction (the reduction of Fe) is considered the rate-limiting step and oxidation rates are thought 
to be controlled by the concentration of oxidants (O2 or Fe
3+
) (Williamson and Rimstidt, 1994). 
The repetition of this process eventually forms a sulfoxyanion that is released into solution 
with all of its oxygen sourced from water. The sulfoxyanion species that is released into solution 
is considered to be pH dependent. In alkaline conditions the tendency is for thiosulfate to be 
released into solution where it undergoes further oxidation to sulfite (SO3
2-
) (potentially via O2), 
then finally to SO4
2-
 (eq. 3.4-3.6) (Xu and Schoonen, 1995). In acidic conditions the nucleophilic 
attack can potentially continue all the way to SO4
2-
. However, thiosulfate, tetrathionate, and 
SO3
2-
 have also been observed in pH <3 oxidation experiments, the oxidation of which likely 
involve O2 (eq. 3.3 and 3.5; Goldhaber, 1983; Moses et al., 1987; Borda et al., 2003, 2004; 
Nordstrom et al., 2008). In acidic conditions the stability of intermediates, with the exception of 
tetrathionate, is reduced and accumulation in solution is negligible (Goldhaber, 1983).  This is 
due to equation 3.5 being pushed to the right under acidic conditions, which results in rapid 
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oxidation of SO3
2-
 and bisulfite (HSO3
-
) (eq. 3.6), resulting in equation 3.5 being driven more 
strongly to the right (Moses et al., 1987). 
py-S-SO3 + H2O  py-S + HSO4
-
 + e
- 
+ H
+
     (3.3) 
py-S-S-O3  py + S2O3       (3.4) 
SnO6
2-
 + S2O3
2-
  Sn+1O6
2-
 + SO3
2-
      (3.5) 
SO3
2-
 + 1/2O2  SO4
2-
        (3.6) 
Experimental and natural data do not support the 100% H2O oxygen predicted in the 
―semiconductor‖ oxidation model, if indeed oxidation on the pyrite surface continues all the way 
to SO4
2-
. Existing data do, however, support a version of the model where O2 is incorporated into 
SO4
2-
 either during thiosulfate or SO3
2-
 oxidation. Laboratory, 
18
O-labled experiments indicate an 
incorporation of 0 to 60% O2 in final product SO4
2-
 for both abiotic and biologically mediated 
cases (Taylor et al., 1984; Moses et al., 1987; Reedy et al., 1991; Descostes et al., 2004; Usher et 
al., 2004; Balci et al., 2007; Pisapia et al., 2007; Brunner et al., 2008; Hubbard et al., 2009; 
Tichimirowa and Junghans, 2009). For aerated, abiotic, pyrite oxidation experiments there is also 
a wide range (2-38%) of O2 being incorporated into product SO4
2-
 (e.g. Taylor et al., 1984; 
Reedy et al., 1991; Balci et al., 2007; Tichimirowa and Junghans, 2009).  One study, Quireshi 
(Dissertation,1986, as cited by Van Stempvoort and Krouse, 1994) shows 38% O2 in SO4
2-
, 
which is high compared to the above studies, all of which fall between 2-24% O2 oxygen, with 
the majority falling between 2-10%. A review of the factors controlling the δ18O of SO4
2-
 
produced from pyrite oxidation was compiled by Van Stempvoort and Krouse (1994) and more 
recent contributions are synthesized in Tichomirowa and Junghans (2009).  
This wide O2% range could be the result of either variable experimental conditions or the 
use of the δ18O label to determine oxygen source ratios in a two-oxygen-source system. As 
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depicted in equation 3.7 (Van Stempvoort and Krouse, 1994), the δ18OSO4 is determined by the 
relative contribution of O2 and H2O signal (i.e. m) and at least two oxygen isotope fractionation 
factors ( (SO4
2––H2O) and α (SO4
2––O2), which can also be represented by , where, ε= 1000 
(α-1). However, this technique requires that multiple experiments be conducted with varying 
18OH2O values in order to assess the source ratio in the final SO4
2-
.  
δ18O SO4= m(δ
18
OH2O + εSO4-H2O) + (1-m)(δ
18
OO2 + εSO4-O2)    (3.7)  
In natural samples evidence for the incorporation of O2 in SO4
2-
-oxygen has been vague. Recent 
interest concerning O2 signals in SO4
2-
-oxygen has been reinvigorated by the discoveries of 
anomalous 
17
O depletion in Marinoan (~ 635 Ma) sulfate deposits (Bao et al., 2008, 2009). It was 
hypothesized that the anomalous triple-oxygen isotope signature of these sulfates is caused by 
incorporation of a fraction from atmospheric O2 at a time of global deglaciation. However, the 
exact fraction of O2-oxygen in SO4
2-
, which has a wide range in the literature, is of critical 
importance to the true magnitude of the Marinoan 
17
O anomaly in air O2 and consequently the 
level of pCO2 and biosphere activity at that time. Therefore, a better understanding of pyrite 
oxidation pathways is needed.  
 Intermediate sulfoxyanion−H2O oxygen-exchange and oxidant (Fe
3+
 vs. O2)
 
competition 
are both poorly understood variables that directly affect the oxygen source ratio in pyrite-derived 
sulfate.  The importance of intermediate sulfoxyanions produced during pyrite oxidation has 
been investigated in detail by Lowson (1982), Goldhaber (1983), Moses et al. (1987) and 
Descostes et al. (2004; followed by a comment, Druschel and Borda, 2005 and subsequent 
reply), among others. They conclude that pyrite oxidation rates increase with increasing pH but 
that the stability of intermediates also increases. Specifically, the above studies point to a 
complex reaction network, where competing oxidation pathways generate SO4
2-
 through the 
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formation of various intermediates (Figure 1 from Druschel and Borda, 2005). The dominant 
pathway is dependent on pH, oxidant concentration, and temperature. Based on the work 
mentioned above, we are able to conclude that at low pH (<3), tetrathionate dominates as the 
product of thiosulfate oxidation by ferric iron but that due to rapid oxidation to HSO3
-
, then 
terminal SO4
2-
, under low pH conditions, intermediates are difficult to identify in acidic pyrite 
oxidation experiments. In alkaline solutions, intermediate species are dominated by thiosulfate 
and SO3
2-
, which readily accumulate to measurable concentrations and precede SO4
2-
 in the 
oxidation chain. Arguments still persist concerning which species is released from the pyrite 
surface into solution; but, for the current study we focus on SO3
2-
 as it is seen to be the precursor 
to SO4
2-
 in most if not all proposed reaction pathways (Nordstrom et al., 2008). Goldhaber 
(1983) documents the similarity between SO3
2-
-plus- SO4
2-
 at pH 9 and SO4
2-
-plus-total sulfur at 
pH<9, as indicating the oxidation of SO3
2-
 as the dominant pathway of SO4
2-
 production. 
Similarly, Moses et al. (1987) suggest that through equation 3.5, we can understand the pH 
dependent changes in intermediate sulfoxyanion distribution as a function of SO4
2-
 generation via 
SO3
2-
 oxidation.  
Thus, previous studies point to SO3
2-
 or HSO3
-
 being the precursor to SO4
2-
 regardless of 
reaction pathway (e.g. thiosulfate or tetrathionate  sulfite or thiosulfate  S8 + sulfite or 
sulfate  sulfate). Sulfite-water-oxygen exchange and oxidation rates are pH dependent and 
SO3
2-
-H2O-oxygen exchange rate slows down as pH increases (Betts and Voss, 1970; Horner and 
Connick, 2003), while oxidation rate reaches a maximum at circum-neutral pH (Tsunogai, 1971; 
Moses et al., 1987). Specifically, Zhang and Millero (1991) show that the oxidation rate of SO3
2-
 
in artificial seawater solutions reached a maximum at pH 6.3 for both 0.7 M NaCl and seawater 
solutions, with lower rates associated with both lower and higher pH.  This suggests that rate 
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competition between SO3
2-
-H2O-oxygen exchange and SO3
2-
 oxidation will influence the 
oxygen-source ratio of SO3
2-
 that is oxidized to SO4
2-
 in aqueous solutions.  
Fe
3+
 activity is also dependent on the pH, with pH >3 causing precipitation of ferric 
hydroxide species. At pH <3 Fe
3+
 can stay in solution (though a significant portion of iron exists 
as Fe
2+
 in acidic conditions, in the presence of pyrite) and act as an electron shuttle resulting in 
H2O oxygen incorporation into the sulfoxyanions produced during pyrite oxidation (Descostes et 
al., 2004). It was also reported that Fe
3+
 concentration and SO3
2-
 oxidation rate are positively 
correlated in solutions of circum-neutral pH, indicating the potential for increased SO4
2-
 
production in solutions of higher Fe
3+
 activity (Tsunogai, 1971; Zhang and Millero, 1991).  
Therefore, further studies of the effects of (1) SO3
2-
-H2O-exchange (equilibrating up to ¾ of 
the sulfate oxygen with water) in competition with SO3
2-
 oxidation (which stops SO3
2-
 exchange) 
and (2) the competition between the Fe
3+
 and the O2 pathways during the final oxidation of SO3
2-
 
to SO4
2-
 are warranted.  In this study, we used pH buffered (pH 2 to 11), triple-oxygen-isotope-
labeled solutions to oxidize pyrite in sterile, aerated reactors for 42 weeks (additional data points 
were generated at 16 weeks to investigate the dynamic nature of the system). pH buffered 
solutions ensured that the dominant reaction pathways did not change during the course of the 
experiments. One set of reactors contained only pyrite and one set had additional Fe
3+ 
(FeCl3)
 
in 
the solutions. The addition of Fe
3+
 tested the ability of active Fe to increase oxidation rates for 
pyrite and intermediate sulfoxyanions. Thiosulfate, SO3
2-
 and SO4
2-
, were measured periodically 
during the course of the experiments to verify the pH-dependent stability of the intermediates 
and to ensure that sufficient SO4
2-
 had accumulated for isotope measurements. In addition, 
intermediate sulfoxyanion data allowed us to investigate potential reaction mechanisms that 
influenced the final oxygen-source ratio in SO4
2-
. However, we acknowledge that not all possible 
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intermediates produced during aqueous oxidation of pyrite by O2 were measured. Dissolved O2 
and Fe
 
were also measured at the conclusion of the experiments to ensure that the solutions were 
O2 saturated and to verify that Fe was lost due to precipitation of ferric hydroxides at pH> 3, 
respectively. 
Our experiments utilize a triple-oxygen-isotope labeled (17O) water. The utility of the 17O 
label is twofold. First, regardless if oxygen isotope exchange equilibrium has been reached in 
any of the intermediate steps, the exact mole fraction of water oxygen in SO4
2-
 can be determined 
from a single experiment via the following: 
  ∆17OSO4 = m∆
17
OH2O       (3.8) 
Where m is the mole fraction of SO4
2-
-oxygen derived from the ∆17O-labeled water. Since the 
17O definition (17O = 17O – (0.52*18O)) is linear (not the ‘ definition) and one oxygen 
source (i.e. O2) has a 
17
O value very close to zero we can ignore the components of equation 
3.7 that include O2. This enables m to be defined by two parameters as shown above (eq. 3.8), 
without the addition of , which does not affect 17O due to its non-mass dependent nature.  
Second, the information contained within the 18O parameter is also retained; we made the 
labeled solutions so that their 18O value was close to the origin (not excessively enriched with 
respect to VSMOW), allowing for the values of SO4-H2O and SO4-O2 to be examined via equation 
3.7. The 17O label adds a second dimension to oxygen isotope space, whereas a 18O-only label 
is confined to one dimension, a line where the δ18O and δ17O fall on a slope of 0.52 in the δ18O –
δ17O space. By having both components (e.g. water and air O2) bare different 
17
O values we are 
able to view our data in two dimensions. The area between the 0.52 slopes (one with VSMOW as 
the origin and one with our water as the origin) is the area within which SO4
2-
 with both air and 
water oxygen will fall. The relative distance (on the y-axis) between the two slopes allows us to 
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calculate the m value for our samples, while the 18O information can still be obtained from the 
relative location of each data point in triple-oxygen-isotope space. In addition,  values can be 
speculated on with more certainty (eq. 3.7) due to the quantitative determination of m. 
Data will be interpreted as follows (Fig. 3.1): if sulfite-water exchange is complete and 
direct O2 incorporation in SO4
2-
 is the sole pathway of the last oxidation step (SO3
2-
 to SO4
2-
), we 
shall see exactly 25% O2 oxygen in product SO4
2-
. If we see more than 25% O2 incorporation in 
product SO4
2-
, O2 must have been incorporated into sulfoxyanions prior to or during SO3
2-
 
formation and SO3
2-
-H2O-oxygen exchange is incomplete. However, if we see less than 25% O2 
incorporation in product SO4
2-
, we have two possibilities: (1) If SO3
2-
-H2O-oxygen exchange is 
complete, H2O-oxygen incorporation via the Fe
3+ 
shuttling must have occurred during the final 
SO3
2-
 to SO4
2-
 oxidation step; or (2) If exchange is incomplete, the product SO4
2-
 pathway of 
formation is unattainable without additional kinetic information. 
 
 
Figure 3.1: Graphical representation of the three competing reactions, which determine the 
oxygen source ratio in sulfate produced from aerated, abiotic pyrite oxidation, including 
predictions and constraints placed on data interpretation. 
 
 42 
Methods 
 Experimental Setup 
 Pyrite (Ward‘s Scientific) was ground to a mixed grain size from 30-500 m. The 
suspended fraction was removed after rinsing with distilled deionized water (DD H2O) three 
times, which also served to remove any SO4
2-
 produced by thermal oxidation during the grinding 
process. Buffered solutions were prepared by adding specific quantities of KCl + HCl, KH2PO4 
+ NaOH, TRIS (Hydroxymethyl) + HCl, and NaHCO3 + NaOH, for pH 2, 7, 9, and 10/11, 
respectively (buffer solutions for pH 10 and 11 were the same in composition but differ in 
concentration) to 800 ml DD H2O and 80± 5 ml of ∆
17
O labeled H2O. The expected 
18
O and 
17O values for the mixture are 18‰ and –9.5‰ (all in VSMOW), respectively, where: 
18O‰ = (Rsample/RVSMOW –1) *1000      (3.9) 
17O‰ = 17Osample – (
18
O*0.52)      (3.10) 
The labeled, buffered solutions were then introduced into reactors, which were constructed 
of 1000 ml polycarbonate Erlenmyer filtering flasks fitted with Whatman Inc. ―bug stoppers‖ 
and silicone hoses with one way sterile check valves for sample collection. The ―bug stoppers,‖ 
were silicone walled, hydrophobic, glass microfiber membranes, which allow active gas 
diffusion in and out of the flask, while eliminating the possibility of microbial contamination. 
The reactors and the pyrite grains were autoclaved to ensure sterile conditions for the start of the 
experiment. 0.33 g of pyrite was then introduced to each reactor and 0.33 g of FeCl3 was 
introduced to a duplicate set of reactors in a sterile laminar flow hood. The reactors were capped, 
placed in black boxes, and mounted on a shaking table at 125 rpm for the 42 week duration of 
the experiment. Two additional reactors were prepared at pH 2 and 10, with no addition of Fe
3+
 
and run for 16 weeks in order to gain insight into the potential dynamic nature of the system. 
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Experiments were conducted at a constant room temperature of 22 C. Aliquots of solution were 
sampled periodically via the unidirectional check valve assembly by simply pouring 5ml into a 
syringe fitted with a 0.2 m filter.  
Geochemical and Stable Isotope Analyses 
Major anion concentrations (SO3
2–
, S2O3
2–
, SO4
2–
 and PO4
3-
) were measured for 2ml filtered 
solutions on a Dionex ICS-3000, reagent free, ion chromatograph, equipped with a potassium 
hydroxide eluent generator, a 4x250mm AS18 analytical column, and an AG18 guard column. 
Prior to loading the auto-sampler, standards were mixed from 18M DDH2O and salts 
ofNa2SO3, Na2S2O3, NaHSO4, and KH2PO4, to ensure minimal oxidation of metastable 
sulfoxyanions. The average error measured between standardization and running standards as 
unknowns was 5% for 3 separate runs.  
Major cation concentrations (Ca, Na, P, K, Fetotal) were measured by ICP. Measurements for 
each cation were done at multiple wavelengths and the wavelength showing the highest counts 
was used for final concentration determination. The pH was measured at the beginning and end 
of the experiment.  
Average SO4
2-
 production rate is estimated based on pyrite grain's surface area and solution 
SO4
2-
 concentration over time.  There is an uncertainty related to the estimation of surface area. 
Tichimirowa and Junghans (2009) report variations >10% for surface area measured for samples 
prepared by similar techniques.  Others report a wide range of surface area measurements for 
various grain sizes all via BET (Brunauer, Emmett, and Teller) calculations (Heidel et al., 2009). 
Our estimation is based on average values from the above studies for fine (<63m) and course 
(>63m) fractions, which were at ~ 50:50 ratio within our samples, as determined by sieving a 
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portion of the prepared pyrite prior to introduction into the reactors. No BET data were generated 
for our samples.  
Sulfite-water-oxygen exchange rate calculations were done using the rate law defined by 
Betts and Voss (1970). This rate law was determined experimentally and defines SO3
2-
-H2O-
oxygen exchange as having a pseudo-first order dependence on pH. We used measured [SO3
2-
] 
and [H
+
] to calculate time-step specific exchange rates in order to compare them with observed 
oxidation rates for the SO3
2-
 to SO4
2-
 step during the course of the experiments. This allows us to 
determine, if and how, rate competition between these two processes influences the final oxygen 
source ratio for the produced SO4
2-
. 
 Stable oxygen isotope measurements were conducted on a Finnigan MAT253 at LSU 
OxyAnion Stable Isotope Consortium (OASIC). All measurements were run above certain 
threshold of gas pressure (~ 20-25 mbar) and based on an extrapolation of the VSMOW 
measurements, assuming ideal linear mass-spectrometric performance (single reference 
approach). The δ17O value was initially calibrated against UWG-2, assuming its δ18O = +5.80‰ 
(Valley et al., 1995) and its δ17O = 0.520 × δ18O  =3.016‰. 
17OH2O: Measurements were made by CO2-laser fluorination (BrF5) of iron oxide 
precipitated in crimp top glass vials at 95C from the water in question using a method in Bao 
and Koch (1999). Twenty milliliter of filtered water was introduced into the vials, which were 
then capped and brought to temperature. Once the water temperature had reached 95C 0.15g of 
FeCl36H2O was added to the solution and the vials were recapped. Vials remained at 
temperature for five days until all the suspended iron oxide had settled to the bottom. The 
precipitated iron oxide was then washed with 0.1 M HCl once and DDH2O three times to remove 
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any amorphous phases. Samples were then dried in an oven at 60C for three days prior to pre-
flourination.  
17OSO4: The reactor solutions were filtered through 0.2m filter paper. The solutions were 
then heated and acidified (to remove HCO3) before adding barium chloride (BaCl2) droplets to 
precipitate barite (BaSO4). The barite was further purified using the double dissolution and re-
precipitation (DDARP) method (Bao, 2006), which due to the acidification during the second 
and third precipitations, also served to remove any BaSO3 that might have precipitated in the 
initial precipitation. The 17O of barite is determined using O2 generated from BaSO4 in a CO2 
laser-fluorination system (Bao et al., 2000) and run on an isotope-ratio mass spectrometer at 
OASIC. The O2 yield ranged from ~ 25% to 35% of the total BaSO4 oxygen.  The standard 
deviation for 17O measurement is 0.05‰ (1σ) for the entire CO2 laser fluorination process. 
However, for three runs of the same sample on MAT253, 1σ is better than 0.03‰. 
18OSO4: The 
18
O was measured via CO gas generated by a Thermal Conversion Elemental 
Analyzer (TCEA) at 1450 °C coupled with the MAT253 in continuous-flow mode. The standard 
deviation is ±0.5‰.  
18OH2O: Measurements were done on aliquots of filtered, final solutions at UC Davis stable 
isotope laboratory using the CO2 equilibrium method. Precision is better than 0.05‰ for all 
samples. 
Results 
 Reactor Ion Chemistry 
 Major ion concentrations and general solution chemistry are reported in Table 3.1. 
Solution pH decreased by 0.5 pH units from the beginning to the end of the experiment in all 
reactors and for all initial pH values. Initial sulfate concentration in the less productive pH 2,7, 
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and 9 indicate that minimal SO4
2-
 was contributed from the sample preparation process. 
Intermediate sulfoxyanions accumulated in the pH 10 and 11 reactors (Fig. 3.2a, b, c, d).  The 
addition of Fe
3+
 increased SO4
2-
 production for pH 2, 7, and 9 by about 4 times for the final SO4
2-
 
concentration while the intermediate concentrations in the same reactors seemed not to be 
affected (Fig. 2.2 and 2.3) during the 42 week experiment. For pH 9 cases, measurable amounts 
of intermediates accumulated in both reactors, with or without Fe
3+
 addition. In the latter case, 
insufficient SO4
2-
 was produced for isotope measurements.  
 
(a) 
 
Figure 3.2: Intermediate sulfoxyanion accumulation through time (a) thiosulfate in pyrite only 
reactors, (b) thiosulfate in pyrite + Fe
3+
 reactors, (c) sulfite in pyrite only reactors, (d) sulfite in 
pyrite + Fe
3+
 reactors. pH 2 series are obscured in all but (b) due to a very similar behavior with 
pH 7 reactors. Error is 5%. . ―pq‖ indicates pyrite only reactors. ―pf‖ indicates reactors with 
additional Fe
3+. Numbers following ―pq‖ or ―pf‖ indicate initial pH of the reactor. 
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(Fig. 3.2 continued) 
(b) 
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(Fig. 3.2 continued) 
(d) 
 
 
(a) 
 
Figure 3.3: Sulfate accumulation through time for, (a) pyrite only reactors and (b) pyrite + Fe
3+
 
reactors. A strong (4x) increase in sulfate production rate was seen for pf 2,7, and 9 compared to 
pq 2,7, and 9. Pf 10 and 11 show a decrease in sulfate production relative to pq10 and 11. Error 
is 5%. . ―pq‖ indicates pyrite only reactors. ―pf‖ indicates reactors with additional Fe3+. Numbers 
following ―pq‖ or ―pf‖ indicate initial pH of the reactor. 
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(Fig. 3.3 continued) 
(b) 
 
Dissolved O2 and cation concentrations at the end of the experiment are shown in Table 1. 
Dissolved O2 concentrations indicate the experiments were saturated for their duration with 
respect to O2 due to aggressive aeration via shaking. Note that Fetotal represents the amount of 
free Fe(aq) (i.e. Fe
2+
 and Fe
3+
) and does not include solid or colloidal Fe phases. For pH other than 
2 (with no addition of Fe
3+
), the SO4
2-
/Fetot was observed to be non-stoichiomentric (i.e. not <2 
or >1).  
 Oxidation Rate 
 Oxidation rate was calculated based on estimated surface area and final SO4
2-
 
concentration for each reactor (Table 3.2). Our rates are 0.5-1 order of magnitude greater than 
those reported for stagnant pyrite oxidation experiments (Tichimirowa and Junghans, 2009). 
Note that the uncertainty in our estimation of the pyrite surface area and/or high dissolved O2 
concentrations may account for these differences. The relative rate differences among our 
reactors, however, should not be affected. The most significant rate difference observed at the 
same pH is for pH 2, 7 and 9, which showed a 4x rate increase for the reactors spiked with Fe
3+
.  
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Table 3.1: Geochemistry of reactors as measured by IC and ICP. ―pq‖ indicates pyrite only reactors. ―pf‖ indicates reactors with 
additional Fe
3+. Numbers following ―pq‖ or ―pf‖ indicate initial pH of the reactor. 
 
  
sample  pHinit pHfinal D.O.(mM) S2O3
2-(mM) SO3
2- (mM) SO4
2- (mM) Na (mM) K (mM) P (mM) Fe (mM) SO4
2-/FeTOT 
Pq2 2.01 1.65 0.475 0.002 0.000 0.228 1.817 148.235 3.408 0.110 2.07 
Pq7 7.03 6.57 0.511 0.001 0.000 0.213 47.483 42.186 66.721 bdl Nd 
Pg9 8.98 8.45 0.453 0.023 0.036 0.101 0.124 4.911 0.145 0.103 0.98 
Pq10 9.99 9.52 0.482 0.240 0.216 1.401 72.065 0.917 0.133 bdl Nd 
Pq11 11.02 10.55 0.500 0.244 0.200 1.353 80.077 0.473 0.054 bdl Nd 
pf2 2.01 1.6 0.516 0.002 0.000 0.746 0.303 149.631 0.001 3.367 0.22 
pf7 7.03 6.42 0.507 0.009 0.000 0.620 47.823 43.479 81.706 0.022 28.28 
pf9 8.98 8.45 0.496 0.009 0.033 0.399 1.403 3.204 2.697 0.145 2.76 
pf10 9.99 9.52 0.456 0.177 0.215 0.900 74.723 1.119 0.082 bdl Nd 
pf11 11.02 10.55 0.471 0.237 0.200 1.164 81.528 0.205 0.005 bdl Nd 
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Table 3.2: Pyrite oxidation rates and oxygen isotope data for all reactors. The sample names ―pq‖ represents pyrite only reactors, 
while ―pf‖ indicates reactors with pyrite and added Fe3+. The numbers following the letters indicate pH; ―pqr‖, 16 week reactors are 
included in table 2 but omitted from figures. 
 
sample name pHinit pHfinal 
Py-Ox rate 
Mm-2s-1  
(*10-10) 
%pyrite 
Oxidation 
18OSO4 
18OH2O 
17OSO4 
17OH2O 
18OSO4-H2O m %O2 
pq2 2.01 1.65 1.56 4.15 16.0 14.7 -6.03 -8.53 1.2 0.71 29 
pq7 7.03 6.57 1.45 3.87 10.0 15.3 -6.96 -9.69 -5.3 0.72 28 
pg9 8.98 8.45 0.69 1.84 Nd 16.6 Nd -9.54 nd nd Nd 
pq10 9.99 9.52 9.55 25.48 14.7 17.5 -7.46 -9.41 -2.8 0.79 21 
pq11 11.02 10.55 9.22 24.60 15.8 17.5 -7.40 -9.48 -1.6 0.78 22 
pf2 2.01 1.6 5.08 13.56 16.2 16.5 -7.47 -9.48 -0.3 0.79 21 
pf7 7.03 6.42 4.23 11.27 14.1 15.8 -6.83 -9.66 -1.7 0.71 29 
pf9 8.98 8.45 2.72 7.25 14.8 16.4 -7.28 -9.29 -1.6 0.78 22 
pf10 9.99 9.52 6.13 16.36 15.7 18.7 -7.53 -9.88 -3.0 0.76 24 
pf11 11.02 9.55 7.93 21.16 15.0 17.3 -7.13 -9.11 -2.3 0.78 22 
Pqr2 1.99 1.76 1.54 1.56 Nd Nd -6.10 -9.21 nd 0.66 34 
Pqr10 10.02 9.72 10.09 10.25 Nd Nd -7.40 -9.64 nd 0.77 23 
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Triple-oxygen-isotope Compositions of Product Sulfate 
The results of the isotope measurements are summarized in Table 3.2. The O2-oxygen % 
in SO4
2-
 produced from pyrite oxidation ranging from 21 to 29% for all 42 week experimental 
solutions (Fig. 3.4). The two 16 week reactors showed 34 and 23% for pH 2 and 10, respectively. 
This was calculated based on the 17O values of: solution H2O, produced SO4
2-
, and the other 
oxygen source (dissolved air O2), which has a rather small 
17
O value of ~ –0.30‰ in our linear 
definition (as opposed to the logarithmic ‘ definition) (Fig. 3.5) The error on the percentage 
estimate is ±0.5%, based on propagation of errors associated with the analytical precision of 
17O measurements. There was no simple pattern among the pH, addition of Fe3+, and the 
resulting O2%. The only cases in which Fe
3+
 addition had a notable effect were the cases of pH 2 
and 10, in which the O2% decreased by 8% and increased by 3%, respectively (Fig. 3.4). 
 
Figure 3.4: Comparison between pH and O2% in sulfate produced from pyrite oxidation 
reactors. Open squares are ―pf‖ reactors and filled squares are pq reactors. The sample names 
―pq‖ represents pyrite only reactors, while ―pf‖ indicates reactors with pyrite and added Fe3+. 
The numbers following the letters indicate pH. Note, not enough sulfate was produced for pq9 
over the course of the experiment and no OSO4 isotopes were measured. Errors are smaller than 
the data points. Error bars are smaller than symbols. 
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Figure 3.5: Triple oxygen isotope compositions of air O2, H2O and SO4
2-
 for reactors. pH is not 
represented in this figure. The lowest line is the 100% H2O-oxygen line generated from an 
average water value with (slope=0.52, m=1). The top line is the TFL (Terrestrial fractionation 
line), generated from air O2 and the origin, representing 100% O2 in sulfate. The middle lines are 
25, 50, and 75% H2O-oxygen in sulfate lines (m=0.25, 0.50, 0.75, respectively). The 
17
O values 
in Figure 5 were calculated from the measured 17OSO4 and 
17
OH2O (Laser fluorination of 
BaSO4 and Fe2O3, respectively) and the 
18
OSO4 and 
18
OH2O (TCEA-CONFLO-IRMS and CO2 
equilibrium, respectively) assuming linear  and  definitions (i.e. 17O = 18O*0.52 and 17O = 
17O - 18O*0.52). The linear definition is adequate for the data being analyzed in this study 
because the magnitude of the 17O label used in this study.  
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a) 
 
       b) 
 
Figure 3.6: Comparison of sulfite-H2O oxygen exchange rates with sulfite oxidation rates for 
reactors pH 9-11. pH 10 (6b) and 11 (6c) show 1-4 orders of magnitude difference between 
exchange and oxidation rates while the initial portion of pH 9 (6a) shows oxidation rates 
exceeding exchange rates. The oxidation rates were calculated based on estimated pyrite surface 
area and final sulfate concentration.  
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(Fig. 3.6 continued) 
c) 
 
 
The δ18OSO4-H2O (= 
18
OSO4 – 
18
OH2O) for all reactors except the pH 2 reactor with no 
Fe
3+
 addition were negative (Table 3.2), ranging from −5.3 to −0.3‰. There is no simple trend 
observed between δ18OSO4-H2O values and any of the tested variables. There was no effect from 
the 17O correction on our measured 18O values. According to Kaiser (2009), the effect on the 
δ18O from the ∆17O can be estimated using (-2D17O0.002‰ shift for 18O; where 
D=0.001042). Our highest ∆17O is 10‰, thus the effect on δ18O would have resulted in a 
maximum shift of +0.02‰. Not only is this shift insignificant relative to the discussion of the 
behavior of 18OSO4-H2O, it is well within the analytical error of measurement for 
18
O (0.5-
0.05‰). 
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Discussion 
 Reactor Ion Chemistry 
 The chemistry and evolution of sulfoxyanion species in all the different pH buffered 
solutions are consistent with predictions and observations from previous experiments (Lowson, 
1982; Goldhaber, 1983; Moses et al., 1987; and Descostes et al., 2004; Druschel and Borda, 
2005; Balci et al., 2007). Thiosulfate, which is potentially the first molecule released from the 
mineral surface in alkaline conditions (Rimstidt and Vaughan, 2003; Druschel and Borda, 2004), 
accumulated in pH 10-11 reactors. Concentrations increased for the first 30 weeks of the 
experiment and were observed to decrease for the later 12 weeks. Sulfite concentrations reached 
a maximum during the first 4 weeks and decreased for the remainder of the experiment but 
appeared to plateau at 0.2 mM for pH 10 and 11 reactors and 0.05 mM for pH 9 reactors, 
independent of Fe
3+
 addition. The absence of intermediates in pH 2 and 7 reactors indicates that 
under neutral to acidic conditions, the oxidation from pyrite to SO4
2-
 could be, for the most part, 
occurring on the surface of the pyrite grains, or that thiosulfate and potentially even SO3
2-
 is 
released from the mineral surface and rapidly oxidized to SO4
2-
 in solution. These ion 
concentration data do not allow for interpretation of reaction pathways but simply suggest that 
the onset of oxidation of aqueous sulfur molecules is different in acidic vs. alkaline conditions. 
Reaction pathways will be discussed in light of the oxygen isotope data in the following section. 
One important observation is that the relatively linear SO4
2-
 production shown in Fig. 3.3 
indicates very little change in pyrite oxidation rate (pseudo-zero order kinetics) during the course 
of the experiments. The 16 week runs show similar SO4
2-
 production to the 42 week runs for the 
same time interval. These abiotic oxidation rates, calculated from surface area and final SO4
2-
 
concentration, are two orders of magnitude less than those for microbially catalyzed oxidation 
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rates measured by Balci et al. (2007). Oxidation rate can be directly linked to the amount of 
pyrite oxidized during the course of the experiments (Table 3.2). It can be seen from these data 
that alkaline oxidation of pyrite is significantly more efficient than at or below pH 9. Also, Fe
3+
 
addition dramatically increased the percent of the total pyrite oxidized by 3-4x for pH 2, 7 and 9, 
as determined from initial moles of pyrite sulfur and moles of sulfate produced. O2 was shown to 
be saturated at the conclusion of the experiment supporting its role as a dominant oxidant for the 
42 week duration. In addition, non-stoichiometric SO4
2-
/FeTOT ratios (=2 for simple pyrite 
dissolution), in all reactors, except for pH 2 with no added Fe
3+
, indicate precipitation of ferric-
hydroxides occurred at pH >2 as predicted. 
O2% in Product Sulfate: Evidence from Triple-oxygen-isotope Composition 
Our interpretation of the 21 to 29% air O2 incorporation in product SO4
2-
 follows the scheme 
outline in Figure 3.1. First, it is important to note that SO4
2-
 itself is non-labile under surface 
temperature and pressure conditions and does not exchange oxygen with H2O (Zak et al., 1980). 
This means that when a given sulfate ion forms, its oxygen records its origin or source. This is of 
great significance when trying to elucidate reaction pathways and SO4
2-
-oxygen-source ratios 
(O2/H2O).  
The major intermediates of concern when discussing oxygen exchange with H2O are 
thiosulfate, tetrathionate and sulfite (also found as bisulfite (HSO3
-
), as they directly precede the 
formation of sulfate either on the mineral surface or in solution (Rosso and Vaughan, 2006). 
Sulfite and HSO3
-
 are the intermediate species that are oxidized to SO4
2-
 in most proposed 
reaction pathways (Nordstrom et al., 2008). Betts and Voss (1970) determined that at pH <9 
SO3
2-
-H2O oxygen exchange is rapid (t
1/2
< 1.3 min) but slows down with increasing pH values (3 
orders of magnitude slower at pH >10). This relationship could be directly related to the 
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speciation of SO3
2-
 in variable pH solutions (Horner and Connick, 2003). At high pH, SO3
2-
 is 
the dominant S(IV) species in solution. SO3
2-
 is characterized by slower exchange and slower 
oxidation, relative to HSO3
-
, the dominant species at pH<7. Therefore, if SO3
2-
 is produced and 
then consumed at a slower rate than it is able to exchange oxygen with H2O, at least ¾ of the 
produced SO4
2-
-oxygen will be fully exchanged H2O-oxygen. Conversely, if the oxidation rate 
approaches the exchange rate, then SO3
2-
 could be oxidized to SO4
2-
 prior to total oxygen 
exchange with H2O (most likely to occur in low pH conditions). Exchange related to disulfite 
(S2O5
2-
) is potentially occurring but the exchange contribution or rate associated with this 
pathway has not been determined.  
 Sulfite-H2O-oxygen exchange rates in our experiments were calculated for the reactors 
based on the simple pseudo-first order rate law reported by Betts and Voss (1970) (eq. 3.11). 
Exchange rates were calculated at each time step from pH and SO3
2-
 activity and provide an 
instantaneous measure of the rate of exchange between SO3
2-
-oxygen and H2O-oxygen. The rate 
law used for these calculations has since been expanded by Horner and Connick (2003) but that 
presented in Betts and Voss (equation 6, 1970) is adequate for our exchange rate calculations: 
    R = k-1[H
+
][HSO3
-
] + k2[HSO3
-
]
2
     (3.11) 
            Where, k-1 = 2.5 * 10
9 
(Ms)
-1
; and k2 = 7.0 * 10
2
 (Ms)
-1
 (Betts and Voss, 1970)  
In our experiments, SO3
2-
 concentration reached a pseudo steady-state after the first 10 weeks of 
the experiment (Fig. 3.3) based on SO3
2-
 concentration variation being within 0.1 mM for the 
remainder of the experiment. Meanwhile, our observed SO4
2-
 production rates (different from 
pyrite oxidation rate in that surface area is not taken into account and rates are calculated from 
sulfate concentration change with time) are nearly constant. Thus, we equate the observed SO4
2-
 
production rate to sulfite oxidation rate after the initial stage. We compare the calculated 
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exchange rates with the oxidation rates at each time step (as inferred from the above assumption) 
for alkaline solutions that show significant SO3
2-
 accumulation. In the pH 10 and 11 reactors, 
exchange rate remained 1-4 orders of magnitude faster than oxidation rate regardless of which of 
the above k-1 values are used (Fig. 3.6b and c). This indicates that at pH 10 and 11 we can expect 
that SO4
2-
 produced from pyrite oxidation to carry at least ¾ of its oxygen derived from water 
due to SO3
2-
-H2O-oxygen exchange and up to one quarter from dissolved O2 depending on the 
competition between O2 and Fe
3+
 during the oxidation of SO3
2-
. This is a new idea, which 
expands upon previous descriptions of the role of SO3
2-
-H2O-oxygen exchange in aqueous 
solutions. As many would argue, exchange rate slows as pH increases, which is the fundamental 
contribution of Betts and Voss (1970). However, this is only half the story and the system can 
realistically only be described with competing rates of SO3
2-
-H2O-oxygen exchange and SO3
2-
 
oxidation (via O2 or Fe
3+
), causing the observed source ratios preserved in the product SO4
2-
. 
Most importantly, oxidation rate also slows as pH increases, which results in SO3
2-
 accumulation 
and increased residence time for sulfite, which in turn, facilitates more complete exchange. This 
point is supported by data from pH 2, 7 and 9 reactors, which fit the predictions outlined above 
and show more O2-oxygen incorporation in produced SO4
2-
. 
For acidic and neutral reactors, SO3
2-
 accumulation was negligible, making exchange rate 
calculations impossible.  It can be speculated, that the limited SO3
2-
 pool was due to extremely 
rapid oxidation, which could result in the oxidation of incompletely exchanged SO3
2-
. This 
would result in the production of SO4
2-
 with greater than 25% O2-oxygen given oxidation of 
sulfite occurred via O2. Based on the pH 9 reactor showing oxidation rates exceeding exchange 
rates for the first part of the experiment, we speculate that at even lower pH the portion of the 
experiment during which SO3
2-
 that had not fully exchanged oxygen with water was being 
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oxidized to SO4
2-
 could have lasted longer (Fig. 3.6a). However, it must be emphasized that these 
kinetic comparisons are qualitative at best at this time. We simply suggest that rate competition 
between SO3
2-
H2O-oxygen exchange and SO3
2-
 oxidation could be the cause of greater than 25% 
O2-oxygen in SO4
2-
, as outlined in the hypothesis. This also provides evidence for the direct 
interaction between intermediate sulfoxyanions and O2 or H2O2 either on the mineral surface or 
in solution. This is especially attractive in the light that significant evidence exists supporting 
SO3
2-
 preceding SO4
2-
 in most if not all reaction pathways (Nordstrom et al., 2008), in addition to 
previous experiments showing > 25% O2 in SO4
2-
. 
All the above are in good agreement with the m value that was calculated via the 17O 
label method employed in this study, (m=0.75+-.04, for 42 week runs, eq. 3.7). However, it is 
also clear from the 17O data that the produced SO4
2-
-oxygen-source ratio cannot simply be 
described as resulting from complete exchange of SO3
2-
 with water, followed by oxidation of 
SO3
2-
 by O2 as shown in equation (3.6).  Instead, a more complex, pH-dependent source ratio is 
recorded (Fig. 3.4) and deviations from (m= 0.75) can be systematically interpreted.  
As discussed above, in alkaline conditions the exchange is likely to proceed to 
completion and the O2% deviation below 25% can be an indicator of the branching ratio of the 
Fe
3+ 
vs. O2 oxidation pathways from SO3
2-
 to SO4
2-
. At pH 11, with and without Fe
3+
 addition, 
the O2% is at 22%, 3% below the 25% complete exchange line, indicating that the branching 
ratio of Fe
3+
/O2 is 3/22 (= 0.136) during the last oxidation step from SO3
2-
 to SO4
2-
. At pH 10, an 
interesting, somewhat counter intuitive, result was observed. The reactor with no Fe
3+
 addition 
had less O2 signal than the reactor with Fe
3+ 
added, 21 and 24% O2, respectively. This indicates 
that the Fe
3+
 pathway was active in both reactors but that it was less well preserved in the reactor 
without the Fe
3+
 addition. This could be due to more complete precipitation of iron hydroxides in 
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the more supersaturated solution (Dong et al., 2000). Both reactors can be interpreted similarly to 
pH 11 in that SO3
2-
-H2O-oxygen exchange complete (Fig. 3.6b) and the branching ratio of the 
Fe
3+
/O2 oxidation pathways was 4/21 and 1/24 for no-Fe
3+
 added and Fe
3+
 added cases, 
respectively.  
At pH 9 and 7, the assumption that SO3
2-
-H2O-oxygen exchange far exceeds any oxidation 
rates may not be granted (Fig. 3.6a). The O2 signal in product SO4
2-
 can come from steps prior to 
SO3
2-
 by surviving exchange and/or from the final SO3
2-
 to SO4
2-
 step. Although we cannot 
derive further information from the pH 9 case, the pH 7 reactors contain additional information. 
Both reactors at pH 7 with or without Fe
3+
 addition generated SO4
2-
 with approximately the same 
28-29% O2. This requires survival of O2 oxygen from prior oxidation reactions, most likely 
during the oxidation of thiosulfate to SO3
2-
 (Xu and Schoonen, 1995) or due to the involvement 
of H2O2, which can act as an oxidant transferring O2 oxygen to sulfoxyanions (Lefticariu et al, 
2007). This pathway could also involve polythionate formation, which also results in SO3
2-
 
production but that was not testable within the confines of this series of experiments and does not 
affect our interpretations. 
At pH 2, the reactor with no additional Fe
3+
 showed 29% O2 oxygen in product SO4
2-
, 
indicating incomplete exchange between SO3
2-
 and H2O and survival of O2 signal in SO3
2-
 before 
being oxidized to SO4
2-
. Thus, both the pH 7 and 2 cases indicate that reactions leading up to 
sulfite formation and exchange with water involved direct incorporation of O2 oxygen into SO3
2-
, 
a strong line of evidence that nucleophilic attack does not proceed all the way to SO3
2-
 or SO4
2-
 
on the mineral surface or in solution. The pH 2 reactor with Fe
3+
 addition produced SO4
2-
 with 
21% O2, indicating Fe
3+
 was more competitive than its duplicate reactor that had no Fe
3+
 
addition. However, we cannot further constrain if the extra Fe
3+
 affects the steps prior to SO3
2-
 or 
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post SO3
2-
. More information concerning oxidation and exchange rate competition is needed to 
quantitatively evaluate data (Fig. 3.1).  
The two reactors (pH 2 and 10), which ran for 16 weeks, provide further insight into the 
dynamic nature of the system. The pH 2 reactor yielded SO4
2-
 with 34% O2-oxygen, compared to 
29% after 42 weeks. The pH 10 reactor generated SO4
2-
 with 23% O2-oxygen, very close to the 
21% observed after 42 weeks. This indicates that a larger fraction of the final SO4
2-
 was 
generated via the oxidation of incompletely exchanged SO3
2-
 in both cases but especially in 
acidic conditions. This fits the prediction that in acidic conditions the oxidation rate for SO3
2-
 can 
exceed the exchange rate due to low SO3
2-
 concentrations in solution and preserve information 
about the reactions leading up to SO3
2-
-H2O-oxygen exchange.  
Overall, our data advocate a much more significant role for O2 during abiotic, aqueous, 
aerobic pyrite oxidation. The sorbtion of dissolved O2 onto the pyrite surface at S sites, as well as 
the more commonly discussed Fe sites, is advocated by Tichomirowa and Junghans (2009) and is 
consistent with oxidation of fractured surfaces or lattice dislocations composed of Fe-S, which 
has been shown to preferentially react with O2 (Guevremont et al., 1998; Kendelewicz et al., 
2004). Additional complexity exists related to the m obtained in this study due to potential 
mixing between initially O2-oxygen-rich SO4
2-
 (m< 0.75) mixing with later produced, H2O-
oxygen-rich (m> 0.75) SO4
2-
. The 16 week reactor runs suggest that m does, in fact, change 
during the course of oxidation. At both pH tested (2 and 10), we saw evidence for greater 
preservation of O2 oxygen in SO4
2-
 produced from a shorter duration of pyrite oxidation. 
However, a more rigorous dynamic approach is needed to quantify this rate competition and the 
associated changes in (m) with time. 
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 Oxygen Isotope Fractionation Factors (18) 
 Our labeled water has a δ18O value close to the origin or the natural abundance ratio 
(VSMOW, i.e. 0‰), which gives us an opportunity to look into oxygen isotope fractionation 
factors (18) in our pyrite oxidation experiments. One distinct feature of our results is that the 
∆δ18OSO4-H2O values are lower than those from most previous studies. This could be result of 
evaporation through the ―bug stoppers‖ during the long experimental duration. However, 
observations suggest that evaporation did not play a significant role in modifying the 18OH2O 
values of the reactor solutions. At the most basic level, a Rayleigh distillation ((R/Ri) = f
-1
) 
calculation indicates that a +1‰ shift in 18O requires 10% evaporation. The only volume loss 
that occurred during our experiments was due to removal of aliquots for geochemical analyses. 
This had no effect on the isotope composition of the reactor solutions or the effective ionic 
activities in solution. The only effect that resulted from the removal of solution aliquots was a 
small change (< 1%/ aliquot) in pyrite/solution volume ratio. 
Fig. 3.5 shows the relationship between 18O and 17O for the SO4
2-
 produced in the multiple 
pH reactors used in this study. The 17O values in Figure 5 were calculated from the measured 
17OSO4 and 
17
OH2O (Laser fluorination of BaSO4 and Fe2O3, respectively) and the 
18
OSO4 and 
18
OH2O (TCEA-CONFLO-IRMS and CO2 equilibrium, respectively) assuming linear  and  
definitions (i.e. 17O = 18O*0.52 and 17O = 17O - 18O*0.52). Air O2 is plotted and assigned a 
18O value of 23.5‰ (Kroopnick and Craig, 1972) and a 17O value of –0.30‰. It is clear that 
(m) can also be represented by the relative distance between the ―H2O line‖ and the terrestrial 
fractionation line (TFL), defined by air O2 and the origin.  
 Fig. 3.7 is modeled after Van Stempvoort and Krouse (1994) and SO4
2-
 produced from 
pyrite oxidation reactors from this study are plotted in 18OH2O vs. 
18
OSO4 space. The B/N line 
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represents the theoretical lower limit for SO4
2-
 produced from pyrite oxidation where m=1 and 
all SO4
2-
-oxygen comes from H2O. A problem with this representation is that a negative 
δ18OSO4-H2O is not considered. It is true that this phenomenon has not been observed very often 
but upon thorough investigation, some data from Hendry et al. (1989) and Krouse (1988) plot 
below the lower bounds of  ―Area B‖. Given this lower area is defined by a negative δ18OSO4-
H2O, we call it ―Area N‖. The implications of our data plotting within ―Area N‖ are that, if SO3
2-
 -
H2O-oxygen exchange was complete (pH10 and 11), the 
18
O values are difficult to reconcile 
with previous estimates that  for sulfite-H2O oxygen exchange is quite positive (up to 30‰, 
Wortmann et al., 2007). The fact that SO4
2-
-H2O-oxygen exchange could have reached 
completion, as seen in exchange rate calculations and 17OSO4, while δ
18
OSO4-H2O values 
remained negative indicates a departure from our traditional understanding of equilibrium 
exchange within the triple-oxygen isotope system. If exchange is at or near completion relative 
to 17O then 18O should also reflect a value close to equilibrium (+30‰ for sulfite exchange). If 
є18 had reached equilibrium during SO3
2-
-H2O-oxygen exchange, the є
18
SO4-O2 for the last SO3
2-
 - 
SO4
2-
 oxidation step would have to approach –100‰ with 18OO2 = 23.5‰, which is 
unrealistically negative, given Balci et al‘s (2007) estimates. In light of these data, we speculate 
that SO3
2-
-H2O-oxygen exchange can result in SO3
2-
 being overwhelmed by water oxygen, 
resulting in a 17O that shows complete exchange, while 18Osulfite is still far from equilibrium 
with δ18Owater.  
Here we expand the model of Van Stempvoort and Krouse (1994) and Balci et al., (2007) 
that links the δ18OSO4 to SO4-H2O, SO4-O2, and (m). We recast eq. 3.7 in the form of a composite : 
 SO4-(H2O,O2)= m(SO4-H2O))+(1-m)(SO4-O2)               (3.12) 
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Where, m represents the fraction of water oxygen in product SO4
2-
 and SO4-(H2O,O2) 
represents the composite, enrichment factor between both sources and the product SO4
2-
. 
 
Figure 3.7: After Van Stempvoort and Krouse (1994), 18OH2O vs. 
18
OSO4 plane. The line 
represents a slope of 1 (m=1, with SO4-H2O = 1). Below the line is what we call ―Area N‖. Note 
that pq 2 is the only reactor plotted within ―Area B‖, the expected location for SO4
2-
 generated 
from pyrite oxidation. 
 
Given our proposed oxygen isotope model for pyrite oxidation being marked by the intermediate 
species SO3
2-
 followed by further oxidation to SO4
2-
, we introduce the stoichiometric coefficients 
for SO3
2-
 as ¾ (relative to final sulfate oxygen) resulting the final oxidative step being accounted 
for by ¼. This yields: 
SO4-(H2O,O2)= ¾[m1(H2O)/SSO3 + (1-m1)(O2)/SSO3] +  
¼[m2(H2O)/SO3SO4 + (1-m2)(O2)/SO3SO4],              (3.13) 
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Where m1 and m2 represent the fraction of water-derived oxygen incorporated during the 
oxidation of pyrite to SO3
2-
 (including exchange) and from sulfite to sulfate, respectively. This 
expanded version still does not take into account any of the variables' (i.e. m and ε) change with 
respect to time as suggested by the 16-week reactors and data presented by Tichomirowa and 
Junghans (2009). A more thorough dynamic approach is needed to quantitatively evaluate the 
changing m and ε values associated with variable fractions of oxygen from each source during 
each reaction step. 
Conclusions and Implications 
 This study was designed to better understand the role of intermediate sulfoxyanions and 
active Fe
3+
 in determining the oxygen-source ratios for SO4
2-
 generated from aerated, pH-
buffered, and abiotic, pyrite oxidation experiments. Our data support that SO3
2-
 -H2O-oxygen 
exchange, is a critical intermediate step in which H2O oxygen makes its way into SO4
2-
. 
Dissolved O2 can be directly incorporated into sulfoxyanions prior to SO3
2-
-H2O-oxygen 
exchange as well as during the final SO3
2-
 to SO4
2-
 oxidation step. At low pH, fast exchange is 
coupled with rapid oxidation, with the potential for oxidation rates to exceed exchange rates. As 
pH increases both oxidation rate and exchange rate slow, with oxidation rate slowing at a greater 
rate. This allows for exchange to proceed to completion at pH 10 and 11. Fe
3+
 addition to 
aqueous solutions was shown to have a measurable effect on SO4
2-
-oxygen-source ratios at pH 2 
but little to no effect at higher pH conditions, consistent with low Fe
3+
 activities at high pH 
conditions. The fact that direct incorporation of O2-oxygen into sulfoxyanions occurred in our 
experiments suggests direct interaction between dissolved O2 (or H2O2) and a sulfur site on the 
pyrite surface or in solution.  
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Our triple-oxygen-isotope method determined that 21 to 34% air O2 signal was incorporated 
in the SO4
2-
 produced by aerated pyrite oxidation (i.e. m =0.66 to 0.79).  Our data also supports 
the idea that m and  are dynamic in nature and that pH has a significant impact on the rate 
competition between SO3
2-
-H2O-oxygen exchange and SO3
2-
 oxidation to sulfate. Future work 
needs to be focused on understanding the rate competition between oxidation paths (Fe
3+
 or O2), 
SO3
2-
-H2O-oxygen exchange rates, and the associated  values expressed during pyrite oxidation.  
 Finally, the relatively narrow range of the m value or the air O2 source ratio after 42 
weeks (21 to 29%) in product SO4
2-
 from our pyrite oxidation experiments brings us one step 
closer to a better interpretation of atmospheric O2 signals preserved in geological SO4
2-
 samples 
(Bao et al., 2008, 2009). If natural sulfide oxidation produces SO4
2-
 similar to that produced in 
our abiotic experiment, we could expect 20-30% of the SO4
2-
-oxygen to be of air O2 origin.  
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4. Triple-oxygen-isotope Determination of Oxygen Exchange between Sulfite and Water 
Preceding Sulfite Oxidation and BaSO4 Precipitation (pH = 1, 4, and 7) 
 
Introduction 
The isotopic composition of SO4
2-
 is a topic of much interest due to the ability of SO4
2-
 to 
record information about past Earth surface conditions, specifically direct atmospheric O2 and O3 
signals (Bao et al., 2008, 2010). The recent discoveries of negative 
17
O anomalies in sulfate 
minerals and carbonate-associated sulfate (CAS) (Bao et al., 2008, 2009; Peng et al., In review) 
has highlighted the importance of understanding the pathways of incorporation and the resulting 
oxygen source ratios (O2/H2O) in sulfate. Two major processes control the oxygen isotope 
composition of sulfate in aqueous environments, 1) the initial oxidation pathways from reduced 
sulfur compounds (e.g. pyrite or H2S gas, and SO2, among others) and 2) subsequent 
modification processes, e.g. microbial dissimilatory sulfate reduction or MDSR. Intermediate 
species produced during both redox pathways exert a strong influence on both the oxygen source 
ratio and the resulting oxygen isotope composition of sulfate, including both the δ18O and the 
∆17O, a measure of the deviation of the δ17O value from what is expected from the corresponding 
δ18O value, assuming a mass-dependent fractionation relationship.  
Sulfite (SO3
2-
) has been identified as a key intermediate produced during sulfur redox 
cycling in aqueous environments, as well as during the aqueous oxidation of SO2(g) in cloud 
water droplets (Zhang and Millero, 1991; Das, 2001; Brunner et al., 2005; Bao et al., 2010). 
Experimental studies show that numerous sulfoxyanion-intermediates are formed in solution 
during sulfide oxidation, with SO3
2-
 preceding sulfate in the reaction chain (e.g. Goldhaber, 
1983; Moses et al., 1987). We also know that when DMSR occurs, the reduction of sulfate 
proceeds stepwise forming adenosine-5‘-phosphosulfate (APS) then SO3
2-
 before the reduction is 
72 
 
completed to H2S (not an exhaustive reaction sequence) (Mizutani and Rafter 1976, Fritz et al., 
1989). In both, reduced sulfur oxidation and MDSR pathways, SO3
2-
 is a major phase that exists 
both intra (MDSR) and extra-cellularly (abiotic oxidation).  
Fritz et al. (1989) first suggested that oxygen exchange between intermediate sulfur 
compounds and ambient cell water could be the cause of 18OSO4 approaching a steady-state 
value, with an apparent enrichment of 23-29‰, relative to 18OH2O. These intermediate 
compounds were then identified as APS and SO3
2-
. Our earlier study (Chapter 2) indicates that 
the APS-sulfate-water oxygen exchange pathway is extremely unfavorable and did not result in 
sulfate-water oxygen exchange during APS synthesis in vitro. A separate study pointed SO3
2-
-
H2O oxygen exchange as playing a significant role in determining the oxygen source ratio of 
sulfate produced during the oxidation of pyrite (Chapter 3). The results imply, that the oxygen 
isotope composition of produced SO4
2-
 from pyrite oxidation is related to the competing rates of 
SO3
2- 
formation and its subsequent oxidation to sulfate with the rate of oxygen isotope exchange 
between SO3
2-
 and H2O. The unknown rates of the heterogeneous oxidation of pyrite grains to 
sulfoxyanions in solution have made the problem hard to tackle. To further explore these 
dynamic processes, this study isolates these steps by focusing on the competing rates occurring 
at the step from sulfite to sulfate.  
Sulfite Exchange vs Oxidation Rates 
Goldhaber (1983) documented the similarity in measured activity, in solution, between 
sulfite-plus-sulfate at pH 9 and sulfate-plus-total sulfur at pH<9, as indicating the oxidation of 
sulfite as the dominant pathway of sulfate production during pyrite oxidation. Similarly, Moses 
et al. (1987) suggest that, through equation (1), we can understand the pH dependent changes in 
intermediate sulfoxyanion distribution as a function of sulfate generation via sulfite oxidation.  
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 SnO6
2-
 + S2O3
2-
  Sn+1O6
2-
 + SO3
2-
     (4.1) 
 Thus, previous studies point to sulfite or bisulfite being the precursor to sulfate regardless 
of reaction pathway (e.g. thiosulfate or tetrathionate  sulfite or thiosulfate  S8 + sulfite or 
sulfate  sulfate). Sulfite-water oxygen exchange and oxidation rates are pH dependent and 
SO3
2-
-H2O-oxygen exchange rate slows down as pH increases (Betts and Voss, 1970; Horner and 
Connick, 2003), while oxidation rate reaches a maximum at circum-neutral pHs (Tsunogai, 
1971; Moses et al., 1987). Specifically, Zhang and Millero (1991) showed that the oxidation rate 
of sulfite in artificial seawater solutions, adjusted for pH, reached a maximum at pH 6.3 for both 
0.7 M NaCl and seawater solutions, with lower rates associated with both lower and higher pH 
values.  However, Chapter 3 documents SO4
2-
 from pyrite oxidation in pH 7 solutions showing 
similar oxygen source ratios (H2O/O2) to those generated under pH 2 conditions. Therefore, if 
sulfite-water-oxygen exchange, coupled with sulfite oxidation plays a significant role in 
determining the oxygen source ratios in sulfate produced from pyrite oxidation, then we should 
be able to isolate this step (i.e. SO3
2-
 + 1/2 O2  SO4
2-
) and achieve similar oxygen-source ratios 
in produced sulfate, to those presented in Chapter 3.  
 The proposed relationship between pH and SO4
2-
-oxygen source ratios presented in 
Chapter 3, also brings to light a major concern associated with a critical analytical procedure 
applied in these experiments. This is the final step where BaSO4 is precipitated for isotope 
measurement. Prior to the addition of BaCl, the solutions containing both, sulfite and sulfate, had 
to be acidified by the addition of concentrated HCl droplets. Originally implemented to avoid 
precipitation of BaCO3, this step clearly affects both the exchange and oxidation rates for any 
SO3
2-
 left in solution at the time of acidification. The potential results of this process, as 
interpreted within the framework of Chapter 3, should be oxidation of sulfite at pH 1, with some 
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degree (as of yet not quantified) of additional H2O incorporation due to the increased SO3
2-
-H2O 
exchange rate at pH 1. Thus, any BaSO4 precipitated from mixed sulfoxyanion solutions will 
contain SO4
2-
 from the designed experimental conditions, as well as that representing pH 1 rate 
competition, at a ratio determined by the sulfur species present at the time of acidification. This 
is clearly a problem that has not been addressed despite the common use of this procedure when 
measuring the oxygen isotope composition of dissolved SO4
2-
. 
 Experimental Approach 
Since the exchange rate and oxidation rate are both pH dependent, in order to examine 
the specific rate competition between sulfite-water exchange and sulfite-sulfate oxidation, we 
monitored the oxidation of SO3
2-
 in different pH (buffered) solutions. Using the 
17
O-label 
technique reported in previous chapters. We tracked the gradual incorporation of the ∆17O signal 
in the produced sulfate and monitor oxidation via ion chromatography measurements on solution 
aliquots. Based on previous work and the experiments in Chapter 3 we believe the pH 
dependence of SO3
2-
-H2O-oxygen exchange and SO3
2-
 oxidation result in low pH conditions 
producing sulfate with more original SO3
2-
-oxygen due to the rapid oxidation that permits limited 
exchange to occur. Conversely, higher pH reactors are likely to produce SO4
2-
 with more H2O 
oxygen due to the longer residence time of SO3
2-
, which allows for a greater degree of oxygen 
exchange with water to occur.  
The fact that acidic conditions cause SO3
2-
-H2O-oxygen exchange rate and sulfite 
oxidation rate to increase could be a concern when acidifying SO3
2-
 bearing solutions that were 
generated under neutral to alkaline conditions. The resulting BaSO4 will invariably be some 
mixture of SO4
2-
 produced under the experimental conditions and SO4
2-
 produced from rapid 
SO3
2-
 oxidation during acidification and BaSO4 precipitation. This is of great concern when 
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trying to describe the oxygen isotope systematics of the sulfide-sulfate system at variable pH due 
to the apparent mixing of SO4
2-
 from two different experimental conditions. Before we can truly 
move forward in our understanding of the behavior of intermediate-sulfoxyanions, relative to 
oxygen source ratios in SO4
2-
, we must quantify the effects of this experimental procedure.  
We designed long-term experiments to test the pH effect on sulfite exchange and 
oxidation rate (as manifest in oxygen source ratio of BaSO4) by oxidizing sulfite in pH buffered 
and isotopically labeled solutions for up to 21 weeks. The goal of the long-term experiments was 
to see if we could isolate the last oxidation step of pyrite oxidation and see if we observe similar 
oxygen-source ratios to those presented in Chapter 3. This would provide further evidence to 
support our assertion that lower pH favors a less H2O-oxygen in produced SO4
2-
. 
A set of short-term experiments, isolated the exchange and oxidation that results from the 
precipitation of BaSO4 in acidic solutions (pH1); the technique used to precipitate BaSO4 in the 
long-term experiments and those in Chapter 3.  
Methods 
 SO3
2-
 Exchange 
Reactors were mixed using Sigma Aldrich Na2SO3, at 0.3g in 150 ml and 0.8g in 40 ml of 
buffered solutions (pH 4, K-Biphthalate; pH 7, KPO4 and NaOH; all at 0.05M) to compare 
exchange resulting from SO3
2-
-H2O-oxygen exchange with SO3
2-
 oxidation in both long term and 
short-term conditions, respectively. The pH 1 (acidification test) was done by dissolving 0.8g 
Na2SO3 in 40 ml of 
17
O-labeled water and immediately acidifying the solution to pH1. At each 
time step, BaCl2 was added to precipitate BaSO4for oxygen isotope measurement. Exchange rate 
was calculated from the introduction of the triple-oxygen isotope label found in the reactor 
76 
 
solutions over time. The utility of the 17O label is twofold and the exact mole fraction of water 
oxygen in sulfate can be determined from a single experiment via the following (See chapter 3): 
∆17OSO4 = m∆
17
OH2O       (4.3) 
Where m is the mole fraction of sulfate oxygen derived from the ∆17O-labeled water.  
 Ion Chromatography 
SO3
2–
, SO4
2–
 were measured for long-term reactors from 2ml, filtered solutions on a 
Dionex ICS-3000, reagent free, ion chromatograph, equipped with a potassium hydroxide eluent 
generator, a 4x250mm AS18 analytical column, and an AG18 guard column. Prior to loading the 
auto-sampler, standards were mixed from 18M DDH2O and known amounts of Na2SO3 and 
NaHSO4 salts, to ensure minimal oxidation of metastable sulfoxyanions. The error obtained from 
running standards as unknowns was 5 % for 3 separate runs. 
Stable Isotope Measurements 
 Stable oxygen isotope measurements were conducted on a Finnigan MAT253 at the LSU 
OxyAnion Stable Isotope Consortium (OASIC). All measurements were run above certain 
threshold of gas pressure (~ 20-25 mbar) and based on an extrapolation of the VSMOW 
measurements, assuming ideal linear mass-spectrometric performance (single reference 
approach). The δ17O value was initially calibrated against UWG-2, assuming its δ18O = +5.80‰ 
(Valley et al., 1995) and its δ17O = 0.520 × δ18O =3.016‰. 
18OH2O and 
17
OH2O: Measurements were made by CO2-laser fluorination (BrF5) of iron 
oxide precipitated in crimp top glass vials at 95C from the water in question using a method in 
Bao and Koch (1999). 20ml of water was introduced into the vials, which were then capped and 
brought to temperature. Once the water temperature had reached 95C, 0.15g of solid 
FeCl36H2O was added to the solution and the vials were recapped. Vials remained at 
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temperature for five days until all the suspended iron oxide had settled to the bottom. The 
precipitated iron oxide was then washed with 0.1 M HCl once and DDH2O three times to remove 
any amorphous phases. Samples were then dried in an oven at 60C for three days prior to pre-
fluorination. A -1.7‰ 18O correction was applied to the measured 18OFe2O3 as documented by 
Bao and Koch (1999) 
17OSO4: The reactor solutions were filtered through 0.2m filter paper. The solutions were 
then heated and acidified before adding barium chloride (BaCl2) droplets to precipitate barite 
(BaSO4). The barite was further purified using the diethylene-triaminepentaacetic acid 
dissolution and re-precipitation (DDARP) method (Bao, 2006), which due to the acidification 
during the second and third precipitations, also served to remove any BaSO3 that might have 
precipitated in the initial precipitation. The 17O of barite was determined using O2 generated 
from BaSO4 in a CO2 laser-fluorination system (Bao et al., 2000) and run on an isotope-ratio 
mass spectrometer at OASIC. The O2 yield ranged from ~ 25% to 35% of the total BaSO4 
oxygen. The standard deviation for 17O measurement is 0.05‰ (1σ) for the entire CO2 laser 
fluorination process. However, for three runs of the same sample on MAT253, 1σ is better than 
0.03‰. 17OSO3 was obtained by direct CO2 laser fluorination of the starting Na2SO3 salt. 
18OSO4: The 
18
O was measured via CO gas generated by a Thermal Conversion Elemental 
Analyzer (TCEA) at 1450 °C coupled with the MAT253 in continuous-flow mode. The standard 
deviation was ±0.5‰.  
Results 
 Ion Chromatography  
Long-term sulfite oxidation reactors: Sulfate was seen to accumulate rapidly in the pH 4 
reactor. Concentration increased from 1.8 mM at week 1 to 10.6 mM at  week 18. At week 15, 
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concentration was at its maximum of 11.5 mM after which a decrease to the final value was 
observed (Table 4.1, Figure 4.1). This sulfate production can account for oxidation of 40% of 
the sulfite introduced into the reactors at the onset of experimental runs. A linear regression of 
the time series characterized the oxidation of sulfite as represented by the equation in Figure (1, 
y = 1.077x - 0.761, r
2
= 0.97). The pH 7 reactor showed no sulfate accumulation during the 
course of the experiment. 
 
Table 4.1: Ion chromatography data from long-term reactors at pH = 4 and 7. 
Sample-pH Weeks SO4
2-
 mM SO3
2-
 mM 
SO4
2-
 production 
(Ms
-1
) 
 SO3-4 2 1.86 22.45 1.54 E-06 
SO3-4 5 4.13 20.22 1.37 E-06 
SO3-4 8 7.21 18.59 1.49 E-06 
SO3-4 10 10.67 16.62 1.76 E-06 
SO3-4 14 11.52 15.89 1.36 E-06 
SO3-4 18 10.64 16.56 9.78 E-07 
SO3-7 2 0 31.77 0 
SO3-7 5 0                 30.82 0 
SO3-7 8 0 29.68 0 
SO3-7 10 0 30.89 0 
SO3-7 14 0 28.08 0 
SO3-7 18 0 28.22 0 
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Figure 4.1: Sulfate production from long-term reactors. A linear regression for the initial phase 
of rapid sulfate production is shown. Error bars are 5% of measured concentrations. 
 
Table 4.2: Long-term SO3
2-
 oxidation reactors. SO4
2-
 triple-oxygen isotope compositions and 
calculated H2O-oxygen incorporation rate (H2O-oxygen %/time). Due to the lack of oxidation 
(based on IC data), in the pH 7 reactor, we can see that the acidification process results in the 
formation of SO4
2-
. Therefore, this BaSO4
2-
 contains SO4
2-
 from oxidation at pH1, while SO3
2-
-
H2O-exchange was occurring for the duration of the experiment at pH 7.  
 
Sample pH Weeks 
17
O 18O H2O% O2% 
H2O-oxygen 
incorporation 
rate (H2O%/s) 
SO3ex-7 7 1 -7.65 23.9 68.9 31.1 1.14E-04 
 7 3 -7.81 23.7 70.3 29.7 3.87E-05 
 7 15 -8.31        Nd 74.8 25.2 0.82E-05 
 7 21 -8.45 23.5 76.0 24.0 0.60E-05 
SO3ex-4 4 1 -7.25 23.7 65.2 34.8 1.08E-04 
 4 3 -7.59 24.0 68.3 31.7 3.77E-05 
 4 5 -7.77        Nd 70.0 30.0 2.31E-05 
 4 15 -7.88        Nd 70.9 29.1 0.78E-05 
 4 21 -7.98 24.1 71.8 28.2 0.57E-05 
Water   -11.35 19.2  0.0  
 
y = 1.0767x - 0.761
R² = 0.9702
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Table 4.3: Short-term SO3
2-
 oxidation reactors. SO4
2-
 triple-oxygen isotope compositions and 
calculated H2O-oxygen incorporation rate  (H2O-oxygen %/time). Similar to the long-term pH 7 
reactors, the short-term pH 7 reactors BaSO4 data is obtained from the acidification process and 
resulting SO4
2-
formation. This BaSO4
2-
 contains SO4
2-
 from oxidation at pH1, while SO3
2-
-H2O-
exchange was occurring for the duration of the experiment at pH 7. 
Sample pH 
duration 
(sec) 
17
O 18O H2O% O2% 
H2O-oxygen 
incorporation 
rate (H2O%/s) 
SO3ex10.2 7 10 -11.84 6.6 13.3 86.7 1.335494 
SO3ex10.1 7 20 -15.90 16.6 18.1 81.9 0.902673 
SO3ex45.1 7 45 -26.06 37.3 29.8 70.2 0.662475 
SO3ex270.1 7 270 -29.51 43.1 33.8 66.2 0.125200 
SO3ex810.1 7 810 -35.23 57.0 40.4 59.6 0.049906 
SO3.3.10 1 10 -5.29 18.2 5.8 94.2 0.577032 
SO3.3.90 1 90 -5.14 17.9 5.6 94.4 0.062173 
SO3.3.540 1 540 -3.98 15.6 4.3 95.7 0.007895 
SO3.3.3h 1 10800 -3.85 13.9 4.1 95.9 0.000380 
SO3.3.6h 1 21600 -6.40 17.4 7.1 92.9 0.000327 
SO3.3.24h 1 86400 -7.34 23.6 8.2 91.9 0.000094 
O2   -0.3 23.5 0   
Fisher SO3  0 -0.31 -16.6    
H2O  0 -86.41 173.1    
 
 Triple-oxygen-isotope Composition of BaSO4 
Long-term oxidation reactors: Triple-oxygen isotope data are reported in Table 4.2 for 
SO4
2-
 present in solution at the time of BaCl2 addition. The distinction (that data come from 
BaSO4) is made, due to the current understanding that acidification generates sulfate representing 
both the experimental conditions and pH 1 conditions. Both pH 4 and 7 reactors generated 
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BaSO4 showing very similar 
18
O values ranging from 23.5-24.1‰. The measured 17OSO4 also 
had a narrow range from -7.25 to -8.45‰ for all pH reactors. The 18O and 17O of the waters 
were 19.2 and -11.35‰, respectively (Figure 4.2). As noted in Bao et al. (2008), the 17OSO4 
measurement for BaSO4 (partial yield of 30%) is associated with a -0.05‰ negative shift. The 
17OH2O measurement was done O2 gas generated from Fe2O3 precipitated from filtered waters of 
the solutions in question. This process is associated with 100% yield and no correction is needed. 
When calculating the H2O-oxygen% in BaSO4 the +0.05‰ ―
17
O-correction‖ resulted in a 
decrease in H2O-oxygen% by a maximum of 0.05%, a value that is well within the reported error 
for the H2O% calculation and thus was ignored. The variation with both time and pH was as 
expected and the pH 4 reactor showed consistently less H2O-oxygen in SO4
2-
 than the pH 7 
reactor. The H2O-oxygen % increased with time in both reactors and by week 21 was 76% and 
72% for pH 7 and 4, respectively (Figure 4.3).  
 
Figure 4.2: Triple-oxygen isotope plot for long-term oxidation reactors, including SO4
2-
, H2O, 
O2, and SO3
2-
. Error bars are smaller than symbols. 
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Figure 4.3: H2O-oxygen % in SO4
2-
 produced from SO3
2-
 oxidation at pH 4 and 7 for the long-
term reactors. Lower pH shows consistently lower H2O incorporation, while both reactors show 
H2O-oxygen% increasing with time. As no SO4
2-
formed due to SO3
2-
 oxidation during the 
experimental duration at pH 7, data were obtained from BaSO4 precipitated from SO4
2-
 formed 
during acidification of reactor solutions. Error bars are the same size as symbols. 
 
Short-term oxidation reactors: Triple-oxygen isotope data are reported in Table 4.3 
including the considerations mentioned above. The behavior of 18O in the short-term 
experiments was quite different than in the long-term reactors (Figure 4.3). In fact, not only did 
the 18OSO4 change with time, a strong negative correlation was observed between 
18
OSO4 and 
17OSO4, characterized by decreasing 
17
OSO4 values being associated with increasing 
18
OSO4 
values. The time series shows a trajectory in triple-oxygen isotope space that originates close to 
the starting SO3
2-
 oxygen-isotope composition and moves in sequence toward the H2O oxygen-
isotope composition. The major differences in the behavior of the pH 1 and 7 reactors are: 1) the 
magnitude of the change in triple-oxygen isotope composition with time, 2) the offset in location 
within triple-oxygen isotope space of the data clusters and 3) the lack of consistent increase in 
H2O-oxygen incorporation in precipitated SO4
2-
 from the pH 1 reactor.  
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Figure 4.4: Triple-oxygen isotope plot for short-term oxidation reactors, including, SO4
2-
, H2O, 
O2, and SO3
2-
. Error bars are smaller than symbols. 
 
The first major difference between pH 7 and 1, was related to the degree of H2O-oxygen 
incorporation. In addition, each data point from the pH 7 reactor moved closer to the H2O 
oxygen-isotope composition, while the pH 1 reactor time series (characterized by significantly 
less water signal incorporation) clustered more closely together. The range in H2O oxygen % for 
the pH 7 reactor, was 13-41% (Figure 4.5) during the experimental duration (810 sec), while the 
pH 1 reactor showed 4-8% over a 100x greater experimental duration (86400 sec) (Figure 4.5).  
The second major difference is the lack of correlation between exchange rate and experimental 
duration, for the pH 1 reactors, during the initial portion of the experiment, where we see a 
variable water contribution that decreases initially from 6-4% followed by an increase to the 
maximum of 8% by the conclusion of the experiment.  
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Figure 4.5: H2O-oxygen % in SO4
2-
 from short-term oxidation reactors. The pH 7 reactor data 
show increased H2O incorporation with time, consistent with the long-term reactor experiments. 
The pH 1 reactor showed 4-8% H2O-oxygen in BaSO4 with no time dependence. In both cases 
oxidation to SO4
2-
 occurred at pH 1. Error bars are smaller than symbols. 
 
Discussion 
 Long-term SO3
2-
 Exchange 
To describe SO3
2-
-H2O-oxygen exchange in 
17
O-labeled solutions, we first consider the 
initial SO3
2-
-oxygen isotope composition as a function of the industrial production process. For 
the sulfite used in this work the 17O is normal and 18O reflects a laboratory water value or a 
kinetic isotope fractionation process (-16.6‰). Therefore, given the initial SO3
2-
 isotope 
composition, we can use the incorporation of the 
17
O-label present in the water to track its 
incorporation into SO3
2-
 with time. This allows for calculation of the H2O-oxygen % in SO4
2-
 at a 
given time step via equation 4.2. 
Long-term oxidation reactors generated BaSO4 with 65-76% H2O-oxygen for both pH 
values. This narrow range, relative to the short-term experiments, suggests that over time, as 
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sulfite concentration builds in solution, the effect of pH is minimized. This is likely the result of 
the pseudo-first order dependence of exchange rate on SO3
2-
 concentration (Betts and Voss, 
1970; Horner and Connick, 2003). However, we also see that SO4
2-
 generated from SO3
2-
 at pH 4 
consistently has less H2O-oxygen signal. This is the result of more SO3
2-
 being oxidized to SO4
2-
 
after undergoing less H2O-SO3
2-
-oxygen exchange. This is consistent with previous suggestions 
(Chapter 3) that sulfite produced during aqueous pyrite oxidation behaves in a similar manner. 
SO3
2-
 Oxidation and SO3
2-
-H2O-oxygen Exchange: SO4
2-
-oxygen Source Ratios 
 The oxidation of SO3
2-
 is a key reaction within the global sulfur cycle. Sulfite forms as an 
intermediate during the oxidation of pyrite, H2S and SO2 (among other reduced sulfur sources) 
and is subsequently oxidized to the terminal phase, SO4
2-
, by molecular oxygen or other 
dominant oxidants (O3, H2O2, Fe
3+
, etc.; Usher et al., 2004; Lefticariu et al., 2007). Sulfite also 
forms during MDSR from the reduction of APS, via the enzyme APS-reductase (Wortman et al., 
2007). The ability of sulfite to exchange oxygen molecules with water on very short time scales 
(Betts and Voss, 1970; Horner and Connick, 2003) has a vast impact on the oxygen isotope 
systematics of sulfate formed by the oxidation of reduced sulfur compounds, as well as the 
ambient sulfate present in environments where MDSR is occurring. Our data show oxidation at 
pH 4 proceeding linearly with time for the first 10 weeks of the experiment. After week 10 a 
pseudo-steady state is reached marked by a slight increase in sulfate concentration followed by a 
slight decrease. The initial portion of Figure 4.1 results in a linear regression line that describes 
the overall production of SO4
2-
, for the first 10 weeks of the experimental duration.   
 Previous work (Goldhaber, 1983; Moses et al., 1987, and Chapter 3 of this dissertation), 
points to SO3
2-
 a key sulfoxyanion-intermediate formed during the aerobic oxidation of pyrite. 
The significance SO3
2-
 is directly linked to the degree of SO3
2-
-H2O-oxygen exchange, prior to 
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SO3
2-
 oxidation. Our data shows that SO4
2-
 (measured as precipitated BaSO4) incorporates 
variable amounts of H2O-oxygen, with less H2O-oxygen incorporation associated with lower pH 
solutions. This observation is consistent with the mechanism proposed in Chapter 3. The 
similarity between the above results and those presented in Chapter 3 suggests that the pH 
dependent relationship between SO3
2-
-H2O-oxygen exchange and SO3
2-
 oxidation does control 
the oxygen-source ratio in SO4
2-
, produced from pyrite oxidation. This provides further evidence 
supporting the model proposed in Figure 3.1. It also provides further support of the idea that 
lower pH conditions favor the production of SO4
2-
 with less H2O-oxygen during pyrite oxidation. 
  BaSO4 Precipitation: Influence on the Oxygen-source Ratio of SO4
2- 
  The method for precipitating BaSO4 from aqueous sulfate and sulfite mixtures invariably 
results in the rapid oxidation of some fraction of the sulfite present due to the acidification step. 
The consistent H2O-oxygen% (4-8%) in BaSO4 from the pH 1, short-term reactors, fits the model 
proposed in Chapter 3. The oxidation of SO3
2-
 in our low pH solutions is quite rapid relative to 
pH 7, while the isotopic exchange between SO3
2-
 and water is also considered to be rapid (Betts 
and Voss, 1970; Horner and Connick, 2003). However, when compared to neutral pH conditions, 
oxidation is seen to outpace exchange to a greater degree. The result of this is, SO4
2-
 produced 
from SO3
2-
-oxidation in acidic conditions, expressing very little oxygen-exchange. This is clearly 
reflected in the 4-8% H2O-oxygen present in the sulfate from the short-term pH 1, SO3
2-
 
oxidation reactors. For such a small water signal to be preserved in sulfate we can conclude that 
oxidation significantly outpaced exchange during this experiment. While the pH1 reactor 
represents the acidification procedure and the resulting SO4
2-
-H2O-oxygen %, pH 7 contains 
SO3
2-
-H2O-oxygen exchange at pH 7 with the acidification procedure superimposed. 
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If we consider sulfate oxygen stoichiometry and the ability of sulfite to completely 
exchange oxygen molecules with water we can predict that the above scenario (i.e. low pH and 
partial SO3
2-
-H2O exchange) will generate sulfate that has inherited <3 oxygen molecules (0.16-
0.32, for 4-8% H2O-oxygen in SO4
2-
 at pH 1) from water through exchange. For final sulfate, this 
comes out to be significantly <3/4 H2O-oxygen, given the assumption that, the last oxygen 
comes from dissolved O2. The only reactor from our current study that was able to achieve 
complete exchange was the long-term pH 7 reactor. This result fits our predictions well, given 
that little to no oxidation occurred in the long-term pH 7 reactor. With no oxidation occurring, 
dissolved SO3
2-
 is free to exchange oxygen with water for the entire duration of the experiment. 
The oxidation to sulfate occurred as a result of acidification prior to the precipitation of BaSO4. 
 18OSO4-H2O and Triple-oxygen-isotope Systematics 
 The triple-oxygen isotope data obtained in this study allow us to speculate on the roles of 
SO3
2-
-H2O-O2-SO4
2-
 within sulfur oxidizing systems. All of these components are linked through 
SO3
2—
H2O oxygen exchange and SO3
2-
-oxidation to SO4
2-
 by dissolved O2. Before starting this 
discussion, it is important to note that the 17OSO3 of the original NaHSO3 is identical to that of 
O2. Therefore, we can only use 
18
O (as opposed to 17O) to discuss effects related to the 
potential remaining SO3
2-
 signal vs. the introduction of O2-oxygen via SO3
2-
 oxidation.  
 The step-wise introduction of the 
17
O-label present in the water into dissolved sulfate is a 
robust indicator of the degree of exchange that has occurred prior to oxidation of SO3
2-
 by O2. 
Within the scope of the long-term reactor experiments, the produced sulfate is characterized by 
having very similar 18OSO4 and therefore very similar 
18
OSO4-H2O values, which cluster around 
18OSO4-H2O= 4-5‰. These data fit the observations made by Holt et al., (1981) that 
18
OSO4-H2O 
is generally less than 7‰. These data are clearly similar to those generated in previous studies 
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(Van Stempvoort and Krouse, 1994). The experimental duration and the tight cluster of the data 
at both pH values, indicates that isotope equilibrium may have been reached between SO3
2-
 and 
H2O prior to oxidation by O2. 
 The short-term reactor experiments are more telling about the evolution of the exchange 
process with time as they capture effective snapshots of SO3
2-
 as it incorporates increasing 
amounts of H2O oxygen. The use of a larger magnitude of anomalous 
17
O-label in the reactor 
solutions (17OH2O= -86.5‰) allows us to view the isotope-effects or trajectory in triple-oxygen 
isotope space that results from SO3
2-
-H2O exchange and the subsequent oxidation of SO3
2-
 by O2. 
The pH 7 reactor produced the best results as far showing introduction of the 
17
O-label and 
coeval changes (negative correlation) in 18O associated with the incorporation of water oxygen 
into SO4
2-
. We see the evolution of the SO4
2-
 triple-oxygen isotope composition follows a linear 
trajectory from SO3
2-
 toward H2O, with time. Given that O2 (or H2O2, Lefticariu et al., 2007) is 
the only oxidant in our simple experimental reactors we can assume the oxidation of SO3
2-
 
proceeded with O2 as the sole oxidant and that the resulting SO4
2-
 triple-oxygen isotope 
compositions reflect this. This is especially interesting when considering the linear trajectory 
between SO3
2-
 and H2O, along which all of the 
18
OSO4 from the short-term pH 7 reactor fall. The 
implication being, that through a unique combination of  values associated with both SO3
2-
-H2O 
exchange and oxidation of SO3
2-
 by O2, we achieved what appears to be a two-source mixing 
line.  
 For the pH 1 reactor, this effect is clearly shown by the pseudo-slope-parallel offset in the 
data cluster (Figure 4.2), which occurs in the direction of O2. We also see very little variation in 
18OSO4 for the pH 1 reactor, which is expected, given the small range in H2O oxygen 
incorporation as determined from 17OSO4. The small range in H2O incorporation through the pH 
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1 time series is the direct result of the rapid oxidation of SO3
2-
 in acidic solutions. This is 
concrete evidence that the exchange rate cannot keep pace with the oxidation rate under such low 
pH conditions.  
 Implications for MDSR 
The 18O of dissolved sulfate in aqueous environments where MDSR occurs is heavily 
influenced by the 18OH2O of a given environment. It is not entirely clear how and why 
18
OSO4 is 
controlled by 18OH2O but it has been observed that in environments where MDSR occurs 
18OSO4-H2O reaches a plateau at 25-30‰ (Fritz et al., 1989; Brunner et al., 2005; Turchyn et al., 
2010). SO3
2-
 is formed during MDSR via the enzymatic reduction of adenosine-5‘-
phosphosulfate (APS) by APS reductase. This reaction generates SO3
2-
 and AMP prior to the 
further reduction of SO3
2-
 to H2S. Under certain conditions, if backward reaction rates approach 
those of the forward reactions, there exists the potential for intermediate species that have 
undergone oxygen exchange with water to be re-oxidized to sulfate (see Chapter 2 detailed 
discussion).  
The steady-state behavior during MDSR for 18OSO4 is likely the result of sulfite 
exchange. The pathways for re-introducing exchanged sulfite back into the sulfate pool include 
two possibilities. The first and most likely, from the author‘s point of view is back reactions 
within the cell (cell internal re-oxidation) finally forming SO4
2-
 from exchanged SO3
2- 
that then 
diffuses out of the cell and is reintroduced into the ambient pool. This requires that reactions 
preceding SO3
2-
 formation are reversible and that accumulation of one or more intermediate 
species (rate limiting) results in back reactions becoming significant. The other possibility is that 
a similar rate limiting step and resulting accumulation of an intermediate compound, likely 
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sulfite, could cause the diffusion of SO3
2-
 out of the cell into that ambient solution resulting in 
cell external re-oxidation. Currently, there is little to no evidence supporting this pathway. 
Implications for Sulfide Oxidation and Barite Precipitation 
SO3
2-
 is an intermediate formed during the oxidation of reduced sulfur compounds (e.g. 
pyrite, H2S gas, SO2). The importance of intermediate-sulfoxyanions produced during pyrite 
oxidation was investigated in detail by Lowson (1982), Goldhaber (1983), Moses et al. (1987), 
Descostes et al. (2004), Druschel and Borda, (2005), Descostes et al. (2006) and Chapter 3, 
among others. They concluded that pyrite oxidation rates increase with increasing pH but that the 
stability of intermediates also increases. Chapter 3 and references therein, explicitly describe 
sulfite as the key intermediate, preceding the formation of sulfate, which undergoes oxygen 
exchange with water to varying degrees that are pH dependent.   
SO3
2-
 and HSO3
2-
 are the intermediate species that are oxidized to sulfate in most 
proposed reaction pathways (Nordstrom et al., 2008). Betts and Voss (1970) determined that at 
pH <9 SO3
2-
-H2O oxygen exchange is rapid (t
1/2
< 1.3 min) but slows down with increasing pH 
values (3 orders of magnitude slower at pH >10). This relationship could be directly related to 
the speciation of sulfite in variable pH solutions (pKa7, Horner and Connick, 2003). At high pH 
SO3
2-
 is the dominant sulfite species in solution. SO3
2-
 is characterized by slower exchange and 
slower oxidation, relative to HSO3
-
, the dominant species at pH<7. Therefore, if sulfite is 
produced and then consumed at a slower rate than it is able to exchange oxygen with H2O, at 
least ¾ of the produced sulfate oxygen will be fully exchanged water oxygen. Conversely, if the 
oxidation rate approaches the exchange rate, sulfite could be oxidized to sulfate prior to total 
oxygen exchange with H2O (most likely to occur in low pH conditions). Chapter 3 suggests that 
this can be described via equation 4.3. 
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SO4-(H2O,O2)= ¾[m1(H2O)/SSO3 + (1-m1)(O2)/SSO3] +  
¼[m2(H2O)/SO3SO4 + (1-m2)(O2)/SO3SO4],     ( 4.3) 
Where m1 and m2 represent the mole fraction of water-derived oxygen incorporated during the 
oxidation of pyrite to sulfite (including exchange) and from sulfite to sulfate, respectively. 
However, we are still limited in our ability to apply this relationship to experimental studies 
where BaSO4
2-
 is measured for oxygen isotopes and methods for precipitating sulfite from 
solutions containing other sulfoxyanions need to be developed. 
Our short-term oxidation reactor data support the strong pH dependence on the final 
oxygen source ratio of SO4
2-
 during the stepwise oxidation of reduced sulfur compounds. In 
addition, we can see that, while the pH 1 reactor did preserve a small degree of water signal in 
the produced SO4
2-
, exchange only resulted in 6-8% incorporation of H2O oxygen during the 
experimental duration. Therefore, if the acidification, prior to precipitation of barite in SO3
2-
 
bearing solutions resulted in oxidation of SO3
2-
 to SO4
2-
, we can assume that below a certain 
threshold ratio (i.e. SO3
2-
: SO4
2-), the impact of this ―secondary sulfate‖ production will have a 
negligible effect on the final 17OSO4.  
An example: If a given solution contains SO3
2-
 and SO4
2-
 at a ratio of 1:2 and the SO3
2-
 
has reached near complete exchange (as is the case in the long term reactors and in some 
experiments from Chapter 3), the oxidation of SO3
2-
 due to the acidification could contribute up 
to 33% of the final precipitated barite-sulfate. If this newly formed SO4
2-
 has a slightly elevated 
H2O-oxygen %, due to a 6-8% maximum increase in H2O-oxygen incorporation, this would 
result in an increase in the final H2O-oxygen percentage by 2 %, which is greater than the 0.5% 
calculation/instrument error reported for the 
17
O-label method reported in Chapter 3. Thus the 
precipitation method could have generated up to 2% greater H2O-oxygen signal in BaSO4 from 
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pyrite oxidation. However, if the ratio is 1:10 the impact is within the range of the reported error. 
That being said, the extrapolation of these results for SO3
2-
 that is close to or at complete water 
exchange, may not be granted and the effect could be minimized for such cases. 
Conclusions 
Sulfite oxidation rates are more sensitive to pH changes than sulfite-water oxygen 
exchange rates. This is shown by both the long-term and short-term reactor experiments in 
addition to data presented in Chapter 3. The long-term reactors show more water incorporation 
into sulfate at pH 7 than pH 4, while at the same time, the pH 4 reactor produced significant 
sulfate, which was not seen in the pH 7 reactor. The short-term reactors show much more water 
oxygen in SO4
2-
 at pH 7(32% more after 810 seconds) than pH 1, which was characterized by 
very little water-oxygen incorporation. Acidification to pH 1 prior to BaSO4 precipitation has 
some impact on the oxygen source ratios of sulfate derived from sulfide or sulfite oxidation, but 
the additional estimated error for H2O% incorporation in final sulfate should be less than 2% for 
most experimental conditions. However, the effect of acidifying SO3
2-
-bearing solutions prior to 
precipitation of BaSO4 for isotope measurement, should be considered when, SO3
2-
/SO4
2-
 is 
>1/10 and could have a significant impact (i.e. >2%) when ratios are >1/2. At present, we do not 
know how this effect will be manifested in sulfite bearing samples already close to exchange 
equilibrium with water. 
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